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FOREWORD 


By F. G. DONNAN, C.B.E., LL.D., D.Sc., F.R.S., 
Professor of Chemistry in the University of London. 

It is both a pleasure and a privilege to have this opportunity of 
welcoming an English translation of Professor Bronsted’s excellent 
and most valuable Text-book of Physical Chemistry. An out- 
standing feature of this work lies in its systematic apjilieation of 
the thermodynamical methods of Willanl Gibbs. The clarity, 
security and elegance of treatment theri'by obtained are apparent 
on almost every page. For this achievemint, Professor Bronsted 
is to be heartily congratulated. 

As we should expect from the author, the chapters on solutions 
of electrolytes are of fundamental im[K)rtance, and will be of the 
greatest value to all students of chemistry and physics. The 
sections dealing with the generalised theory of acids and bases and 
the related phenomena of protolysis and jirotolytic equilibria will 
serve to familiarise English students with very important advances 
due to the Danish school of physical chemistry. 

In the chapter on Electrochemistry, the employment of Gibbs’ 
chemical potential in the modified form of Guggenheim’s " electro- 
chemical potential and the author’s “ electromotive potential ” 
makes the treatment of a large part of this subject both elegant 
and exact. 

These are only a few samples of the many good things contained 
in this book. Although the main treatment is thermodynamical, 
excellent discussions from the point of view of kinetics and molecular 
theory are interspersed throughout the text, and there is also a 
valuable chapter on reaction kinetics (including photochemical 
reactions). 

The work of translation has been well and faithfully done by 
Mr. R. P. Bell. The text is a-s smooth and clear as one written 
originally in English. It is obvious that the translator has a com- 
plete command of the Danish language, whilst his name is a sufficient 
guarantee for the scientific accuracy of the English text. 

It is not only a privilege but a duty to recommend this book to 
all students of physical chemistry. Coining from the famous 
laboratory directed by Professor Bronsted in Copenhagen, it is 
destined to occupy a unique and pre-eminent position in the 
advancement of physico-chemical science. 
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The present book is a translation of the author’s “ Lserebog i 
fysisk Kemi,” which was pul>liBhed in 1!136, and forms the basis for 
instruction in pliysical chemistry at Copenhagon University and the 
Danish Technical College, 

In this text-book sjieeial etnjihasis is laid on the ^ liennodynamie 
foundation of iihysico-ehemical laws. The treatment employed is 
bailed upon the “ thermodynamic functions " of (Jibbs, since in the 
author’s ojiinion this is the easiest way of attaining tlie combination 
of simplicity and rigour which should be tlie aim of a theoretical 
text-book. It is often supposed that the eoncejition of thermo- 
dynamic functions is a difficult one. and that their use demands 
special powers of abstract thought. It is the auDior's view', howev'er, 
tliat this is not in general the ca.se, while even if such difficulties 
should occur they will be amply conn»ensa(cd by the uniformity of 
treatment and certainty of operation which characterise the methods 
of flihbs. 

In dealing witli the basis of the laws of therinodynamios, the 
])resentation in this book differs considerably from that commonly 
employed. The ty\)es of work eorrespoiiding to the different forms 
of energy are introduced at the beginning of the treatment, entropy 
appearing in a simple manner as the extensive factor of thermal 
work This method of treatment leads to a modified conception 
of the relation between heat and work, and hence to an interpretation 
of the working of heat engines which is essentially different to that 
given by Clausius. 

In addition to the thermodynamic as)icct the subject-matter is 
also dealt with from the point of view of kinetic and molecular 
theorv, partly in .separate .sections and partly interpolated in the 
thermodynamic treatment. Physical theories of atomic structure 
and the energy relations of atoms and molecules are also included, 
though only to a very limited extent. The cliemistry of strong 
electrolytes is developed on the basis of the theory of complete 
dissociation, while the section on weak electrolytes deals chiefly 
with protolysis and protolytie equilibria. In dealing with electro- 
chemistry a rigorous treatment has been aimed at by using the 
concepts of electrochemical jxjtential and the electromotive potential 
of metals. Finally, the book contains a short section on capillary 
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and colloid chemistry in which the behaviour of surfaces and 
colloidal solutions is dealt with, chiefly from a thermodynamic 
point of view. 

While writing the book I have had the opportunity of discussing 
both scientific and educational points with Mr. E. Giintelberg, thus 
modifying the treatment in various respects. My thanks are also 
due to Mr. K. P. Bell for producing an excellent English translation 
of the book, and to the firm of William Heinemann for undertaking 
the publication of the English edition. 

J. N. BRGNSTED. 

COPKNHAQEN, 

September, 1937 
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CHAPTER I 

THE LAWS OF THERMODYNAMICS 

1. The First Law of Thermodynamics 

The first law of thermodynamics, or the principle of conservation 
of energy (J. R. Mayer, Joule, Golding), expresses the general 
experimental law that in a system which is completely isolated 
from its surroundings, the amount of energy remains constant for 
any kind of change taking place inside the system. As a conse- 
quence of this law, it is impossible to construct a “ perpetual motion 
machine of the first kind,” i.e., a machine nhioh produces energy 
from nothing. 

The interoonveision of the various Sorma of energy, on the other 
hand, takes place continually, and the treatment of such energy 
transformations constitutes the chief material of thermodynamics. 
The importance of such considerations in chemistry depends upon 
the close connection which exists between transformations of 
matter and transformations of energy. 

The most important forms of energy dealt with in thermodynamics 
are mechanical, electrical, chemical and thermal energy. In addition 
to these, radiation energy is closely connected with chemical 
phenomena in certain cases. Mechanical energy can be further 
classified either as kinetic energy, i.e., the energy which a body 
possesses in virtue of its motion (translation, rotation, etc.), or 
potential energy, i.e., the energy possessed by a system of bodies in 
virtue of their position when there are forces acting between them. 
A corresponding distinction can be made in the case of electrical 
energy : thus two bodies which arc charged to different electrical 
potentials constitute a system containing electrical potential 
energy, while an electric current may be said to contain electrical 
kinetic energy. Chemical energy (e.g., the energy contained in a 
mixture of hydrogen and oxygen) may be regarded as potential in 
nature. As regards thermal energy, it will be shown later that it 
also can exist in forms differing essentially from one another. 

The enunciation and treatment of the laws of thermodynamics 
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depends upon the measurement of amounts of energy. In the case 
of the forms of energy mentioned above, the amount of energy 
can be expressed as the product of two factors, an itUenaity (or 
intensive) factor and a capacity (or extensive) factor, and a quantity 
of energy can be measured by measuring each of these factors 
separately. Thus various forms of mechanical energy can be 
expressed as the product of force and distance, pressure and volume, 
or mechanical potential and mass, while thermal energy can be 
expressed as the product of temperature and entropy [3. a.], and 
electrical energy as the product of electrical potential and quantity 
of electricity. Chemical energy can similarly be split up into 
chemical potential and quantity of substance, but there is no 
general method of measuring the chemical potential in the same 
way that the intensity factors for the other forms of energy can 
be measured. The units of mechanical and electrical energy can 
be conveniently chosen as the product of the units of the appro- 
priate intensity and capacity factors, but there is no corresponding 
unit for chemical energy, w'hich can only be measured by converting 
it into other forms of energy. 

Energy which can be determined in this way is also described as 
“ work,” In addition, there is thermal energy not possessing any 
potential character, which is termed “heat.” This last form of 
energy is measured by the so-called “ calorimetric ” methods, 
whi^ depend on the assumption that the amount of heat is not 
altered by passing from one body to another. 

The most important energy units and their relation to one another 
are given in the following table : — 


Table 1. Energy Unite 



Erg 

g-cm 

L. A. 

g- oal 

Joule 

Erg 

1 

1.020-10-’ 

9 87-10“'° 

2.389-10“*' 

0.9995 -lO-’ 

g-cm 

980.G 

1 

9 678-10“' 

2.542-10“^ 

9.801 -10-* 

L. A. 

1 OIS-IO* 

1.0333-10‘ 

1 

24.205 

101.3 

g. cal 

4.186-10’ 

4.269-10' 

0.04130 

1 

4.1842 

JouU 

1.0005- 10' 

1.020-10* 

9.87 -10-* 

0.2390 



The first column of the table contains the values of the various 
units in “ absolute measure,” i.e., expressed in the centimetre- 
gram-second (c.g.s.) system. The unit of energy in this System is 
the erg, defined as the product of one dyne, the unit of force, and 
1 cm., the unit of length. A dyne is defined as that force which 
when acting on a mass of 1 gm, will produce in it an acceleration of 
1 cm. per second per second. 
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ThA ttoit of heat given in the table is the 15° calorie, t.e., the 
amount of energy necessary to heat 1 gm. of water from 16° C. to 
16° C. This amount of energy is about 0*5% less than the zero 
caknie, which will heat 1 gm. of water from 0° C. to 1° C. 

Chemical thermodynamics deals with systems which can undergo 
changes of a material or energetic nature. Such a system is termed 
a thermodynamic system. The real experimental proof of the first 
law of thermodynamics is based on a study of processes of such a 
kind that all the quantities of energy involved are susceptible of 
direct measurement, either by sphtting them up into intensive 
and extensive factors, or by calorimetry In such experiments it 
is found that the relation between the different kinds of energy is 
independent of the direction in which the transformation takes 
place, so that we can postulate that the sum of the amounts of 
work and heat which have disappeared is zero. Further, we attri- 
bute to every system taking part an internal energy, which can 
only be altered by interchange with the surroundings, and which 
is umquely determined by the state of the system. If the sum of 
the amounts of work and heat which have disappeared differs 
from zero, we postulate a change in the internal energy of the 
system involved, which by definition fulfils the requirements of 
the first law ; i.e., for any alteration in the system the decrease in 
internal energy is put equal to the sum of the amounts of energy 
given up by the system to the surroundings. Thus if the heat 
absorbed by the system during the change is termed Q, the energy 
given up in other forms W (“ work ”), and the increase in the internal 
energy dE, then the first law of thermodynamics can be formulated 
as 

AE==Q-W (1) 

where it is of course essential that all the forms of energy taking 
part are expressed in the same units. 

In general, when a system undergoes chemical or physical changes, 
at least two of the quantities in equation (1) will differ from zero. 
If one of the quantities is zero, equation (1) gives rise to three special 
oases ; — 

(1) AE — 0. If a system passes through a cycle, i.e., if after 
undergoing certain changes it finally returns to its initial state, or 
if the energy change involved in the processes performed is zero, 
them in all cases the heat absorbed must be equal to the work done, 

jr = Q. 

(2) IF = 0. In most chemical processes, unless special arrange- 
ments are made, the work done will be zero, or at any rate very 
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small. The change in the internal energy is then measured by the 
heat absorbed, = Q. 

(3) Q = 0. If the system is in complete thermal isolation from 
its surroundings, any change taking place in the system is said 
to be adiabatic. We then have AE = — W. 

It should be mentioned that the internal energy E in equation (1) 
mtist not be considered as a special form of energy, but as composed 
of all the forms of energy already mentioned. It is not in general 
possible to state in what proportions the various forms of energy 
are present in a chemical system. In certain cases it is possible to 
demonstrate the presence of, e.g., mechanical or electrical energy 
in the system, and a certain amount of thermal energy is always 
supposed to be present. However, the most important differences 
in the internal energy of a system depend on whether it can be 
characterised as potential or as non-potential energy. This question 
is more logically dealt with under the second law of thermodynamics. 

2, The Second Law of Thermodynamics 

(a) Experimental Basis and Enunciation. While the first law 
deals with the laws governing the transformations of different 
forms of energy which actually take place, the purpose of the 
second law (Carnot, Clausius, William Thomson) is to investigate 
the possibility of these transformations. As a result of these 
investigations it has been established that heat occupies a special 
position among the forms of energy, in that although all other 
energy forms can be converted directly to one another and directly 
to heat, the conversion of heat to other forms of energy (e.g., to 
mechanical work) is subject to important restrictions. 

These restrictions can be expressed in a general law which formu- 
lates the conditions under which heat can l>e tran.sformed to work. 
This law is the second law of thermodynamics, and is usually 
stated by saying that it is impossible to construct a “ perpetual 
motion machine of the seconil kind.” This means that it is impos- 
sible to construct a machine which will convert ” heat ” to work 
without at the same time bringing about other changes of a material 
or energetic nature. On account of the large stores of heat in the 
earth, such a machine would in practice be just as useful producing 
work as a perpetual motion machine of the first kind. 

We must now consider more closely this postulate and the 
experimental basis on which it rests. In order to understand the 
second law we must go more fully into the conception of energy 
as the product of an intensity factor and a capacity factor as 
mentioned in the last section. For the moment we will consider a 
material system which is completely cut off from its surroundings 
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with respect to the transport of both energy and matter. Such a 
system can in general be supposed to contain all the forms of 
energy mentioned above, but as long as each of the intensity 
factors (or potentials, as they may also be termed) has the same 
value throughout the system, the energy will have no tendency to 
become manifest, since there will be complete equilibrium preventing 
the occurrence of any energy changes. For example, if there are 
no differences of temperature or electrical potential, then no trans- 
formations of thermal or electrical energy will be able to take place. 
The occurrence of energetic processes thus demands the existence 
of differences of potential (or intensity factor) in the system in 
question, and the magnitude of the potential difference can be 
taken as a measure of the tendency to transformation of the appro- 
priate form of energy. When such i>otential differences are present 
the system is said to contain potential energy. Similarly, the energy 
which can formally be said to be present at a uniform potential 
throughout the system will be termed equipotential energy. 

In agreement with this idea, the energy changes which can take 
place in a system completely isolated from the surroundings consist 
of the migration of the capacity factors of energy from one potential 
to another. The spontaneous movement of the capacity factors 
is said to take place from a higher to a lower potential. Thus for 
example we may speak of the transference of entropy from one 
temperature to another, or of a quantity of matter from one chemical 
potential to another. Or the displacement of a mass from one 
mechanical potential to another (e.g., the displacement of a weight 
in a direction at right angles to the earth's surface), or of a volume 
from one pressure to another. In the last case the spontaneous 
displacement takes place from a lower to a higher pressure, so that 
the pressure must be regarded as a negative, potential. These 
processes cause changes in the amounts of energy in the forms in 
question, but provided that other forms of energy are excluded 
from taking part, the total amount of potential energy in the 
closed system will remain constant. Let us denote the mechanical, 
electrical, chemical, thermal and total potential energy by E,„, E„ 
Ejc, Et and Ep respectively, the corresponding intensity factors or 
potentials by 0, W, p and T, and the capacity factors by w, e, n 
and 8. Let the change undergone by the system be infinitesimal, 
so that the state of the system shall not change during the process 
[3. a.]. Then if the indices 1 and 2 refer respectively to the initial 
andifinal states, we can write 
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— dEm=i^i — 

dEi = — j|/j) df, 

— dEu =(/ti — ^3) dn. 

— dE, = (Ti — Tj) dS, 

while for the total potential energy Ep we have 

dEp = if£„ + dE, + d£;. + dE,, 

and also 

dEp = 0. 

It follows from the concept of potential energy involved in the 
first law that there is complete reciprocity with respect to the 
interconversion of the various forms of potential energy. Thus for 
example if E, and Et are constant, we have 

dEm + dEt = 0 

where each of the two terms may he either positive or negative. 
If dE* is positive, the potential thermal energy which disappears 
Will be transformed without loss to mechanical energy. 

If we consider the postulate of the second law in the light of 
these considerations, it is clear that the “ heat ” which can only 
be transformed to work under certain conditions cannot be identified 
with potential thermal energy, which we have seen to be completely 
equivalent to the other forms of potential energy. The “ heat ” 
of the second law must thus be the thermal energy which we have 
termed equipotential, and which can also be described as “ heat 
of constant temperature.” It is in fact in general this kind of 
thermal energy which is intended when the term “ heat ” is used. 
Moreover, if this fact is recognised, it is clear that “ heat ” can no 
longer be said in the same way to occupy any special position among 
the forms of energy. For, as already noted, any form of equi- 
potential energy (including mechanical, electrical or chemical 
energy) will be in the same state of impotence as regards the produc- 
tion of other forms of energy, in particular the production of 
mechanical work (e.g., displacement of a weight against gravity) 
mMitioned in enunciating the second law. If, therefore, the special 
position of “ heat ” is to be maintained, it must be sought elsewhere. 

It must be noted here that the second law of thermodynainics 
does not state unconditionally that heat is unable to produce work 
(as mif^t be expected from the equipotential nature of heat), but 
oontai^ the impmrtant addition “ without at the same time bringing 
about other changes of a materisd or eneigetio nature.” However, 
we shall see later that the belief that heat can be converted to work 


( 2 ) 

( 3 ) 

( 4 ) 
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under certain conditions depends upon the fact that the usual 
formulation of the second law does not distinguish sufficiently 
between the potential and non -potential forms of thermal energy. 

We must now investigate the possibility of converting heat 
into Work when other processes are allowed to take part.’ In order 
to keep the various energy phenomena completely separate, we 
shall divide our experimental arrangement into a heat reservoir 
which can give up heat and which has the same temperature 
throughout, a work reservoir, in which work can be stored, and a 
reaction system placed between the two reservoirs. The boundaries 
of the reaction system are arranged so that any changes which 
might enable heat from the heat reservoir to he converted to work 
in the work reservoir take place within the system ; t.e., it is 
completely isolated from its surroundings except for its communica- 
tion with the two reservoirs. 

Let the amount of heat transferred from the heat reservoir to 
the reaction system be dq, the amount of work transferred from 
the reaction system to the work reservoir be dA, and the simul- 
taneous increase in the total energy of the reaction system associated 
with any changes it undergoes be dE. We then have from the first 
law 

dA = dq —■ dE, 

If the experiment is carried out so that dE =^0 (which is of 
course always possible), then dA — dq, and the observed phenomena 
are thus the production of a certain quantity of work and the 
simultaneous disappearance of an equivalent amount of heat. 
However, these facts do not demonstrate that the work originates 
from the heat absorbed, since the reaction system has undergone a 
change during the process, and it would be just as feasible to 
assume that the work is produced from the total or “ internal ” 
energy of the system, the loss of internal energy being compensated 
for by the heat absorbed. Not only is it impossible on the present 
evidence to differentiate between these two possibilities, but there 
is no distinction between them from a purely logical point of view. 
This applies to the case dE = 0, but is obviously no less true when 
dE differs from zero. 

However, the interpretation of the process described above 
becomes quite clear when we take into account the experimental 
fact that the amount of work obtained from a change taking place 
in a reaction system depends entirely on the state of the system 
and the nature of the change, and is not aSected by the absorption 
of an equivalent or non-equivalent amount of heat by the system. 
Thus, for example, if the reaction system is a galvanic cell, then 
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the electrical energy produced by a definite infinitesimal change 
‘in the cell xrill be independent of the absorption of heat by the cell. 
Or, if the system contains a gas which expands into a vacuum of 
volume dv, giving work pdv, this work will be neither increased nor 
decreased by suppljfing a corresponding amount of heat to the 
system. The production of the work dA thus cannot be attributed 
to the heat dq transferred from the heat reservoir, but is entirely 
due to the change which takes place in the reaction system, where 
there is a decrease in internal potential energy equivalent to dA. 
The second law can therefore be enunciated in the following simpli- 
fied form ; heal cannot be converted to work. Or, if we choose to 
state that a perpetual motion machine of the second kind cannot be 
constructed, this can be defined simply as a machine or system 
which produces work from heai. At the same time the postulate can 
be generalised, since, as shown above, what we have said of heat, 
applies to all equipotential forms of energy. 

The law that heat cannot be converted to work may seem to be 
contradicted by the action of the so-called “ heat engine,” which 
is usually supposed to carry out such a conversion. However, we 
shall show in paragraph (c) that there is actually no contradiction. 

The difference between heat and other forms of energy (which 
form the experimental basis for the second law) thu.s cannot l)e 
expressed by saying that it cannot be converted to work. This is 
also true of the other equipotential forms of energy, and such a 
conversion is equally impossible whether or not other material or 
energetic changes are allowed to take place. The peculiarity of 
heat among the other equipotential form.s of energy depends on 
the fact that it can be produced from work. If the transformations 
in question are represented by the scheme 

1 

Heat ^ * work, 

i 

then it is not the impossibility of process 1, but the possibility of 
process 2 which is specially characteristic of heat as a form of 
energy. The proof of this is connected with an important distinction 
observed in transformations of matter and energy, which is repre- 
sented by the contrast between reversible and irreversible processes. 

(b) Reversible and Irreversible Processes. To illustrate this 
contrast We must return to the closed system containing various 
forms of potential energy, described at the beginning of this section. 
If there are no differences of potential, all the amounts of potential 
energy can be taken as zero and the system will be in a state of 
complete equilibrium. This state might be called neutral equilibrium. 
If on the other hand there are potential differences and hence a 
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tendency to energy transformation in the system, then provided 
that forms of energy other than jiotential energy do not take part 
in the energy changes, tliese latter will be reciprocal, i.e., the sum 
of all the amounts of energy produced and used up will be zero. 
This state can be termed a state of balatu^ed equilibrium, since the 
various transformation tendencies balance one another in such a 
way that the total tendency is zero. Changes which take place in 
states of this kind are usually termed reversible changes. In order 
that such changes can take place in a state of balanced equilibrium 
it is obviously necessary that the transformation of the various 
forms of energy should be in some way coupled together, so that the 
transference of one capacity factor is ne<'(*ssarily associated with 
the simultaneoiis transference of another. This coupling together 
can in general only be brought about by special arrangements 
adapted to the particular transformations being dealt with, and it 
is of considerable importance for thermodynamical operations both 
in theory and in practice. 

If on the other hand the various forrn.s of potential energy are 
not coupled together in this way, then if the system contains 
l)otential energy there will be a positive transformation tendency, 
and transformation will take place spontaneously. The potential 
energy thus destroyed must by the first law give rise to the formation 
of equipotential energy. However, the capacity factors of all 
forms of energy other than heat {e.g., amount of substance, quantity 
of electricity, mass) are all present in constant amount in a closed 
system, and equipotential energy of these parts therefore cannot 
be formed in the system. On the other hand, the entropy, which is 
the capacity factor of thermal energy, is not characterised by any 
such constancy, and the transformation of potential energy to 
equipotential energy must therefore result in the production of heat. 

Hence, provided that no other potential energy is formed, the 
transformation of potential energy will result in the production of 
heat. This expresses the special position of heat as a form of energy. 
Since (as shown above) heat cannot be reconverted into potential 
energy, the conversion of the latter into heat is termed an irreversible 
process. The name natural process is also used in the same sense. 
In reality the heat is put completely out of action as a form of 
energy, since its conversion to potential energy is impossible. From 
this point of view the first law of thermodynamics takes on a some- 
what difierent aspect. 

Wp can summarise the result of the above considerations in the 
following scheme ; — 
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^P(i) 

Ep 



Ep(2), 


1 . 

2 . 


reversible. 


1. irreversible, 

2. impossible. 


Tbis expresses the conclusions arrived at above, viz., that inter- 
conversion of two forms of potential energy is always reversible, 
conversion of potential energy to heat irreversible, and conversicm 
of heat to potential energy impossible. 

The fact that irreversible processes are always accompanied by 
evolution of heat is exemplified by the heat produced by friction, and 
the heat evolved in a metal wire carrying an electric current. There 
are, however, numerous physico-chemical processes which appear to 
contradict this, since they are accompanied by a fall of temperature 
and are thus said to involve absorption of heat. For example, this is 
often the case when a salt is dissolved in water. It should however be 
noted that reversible processes in general may be accompanied by 
temperature changes, so that the latter are no criterion of the production 
or absorption of heat. In particular it must be recognised that a fall 
of temperature cannot be accepted as an indication of heat absorption : 
in fact, that an absorption of heat by a reacting system as a whole can 
never he the result of an energy process, since it would mean the 
conversion of equipotential energy to potential energy. What is actually 
observed, e.g., in the case of a salt dissolving in water, is a fall of tempera- 
ture which has the same origin as the fall of temperature observed 
when a liquid evaporates, i.e., the conversion of one form of equi- 
potential energy, which could be called free ” heat, to another form, 
which could be called “ latent ’’ heat. It is quite clear that heat 
absorption of this kind has no connection with any work which is 
simultaneously performed, since both positive and negative heat 
cheuiges are met with in completely analogous processes of this kind. 
This distinction will be dealt with later from the point of view of 
kinetic theory. 


The following scheme shows the forms of energy into which the 
total internal energy can be divided according to the above treat- 
ment ; — 


t Potential E (mechanical, electrical, chemical, thermal) 


Total E I 


r non-thermal E 


I- Equipotential E 


heat 


free heat 
. latent heat 


Of the possible interchanges of these forms, it is the interoonveision 
of mechanical, chemical and thermal potential energy and Ihe 
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conversion of these forms of energy into heat which are of special 
significance for physico-chemical thermodynamics. The remaindear 
of the present thermodynamical chapter will be devoted to consider- 
ing interchanges of this kind. 

(0) The Transformation of Thermal Energy. We shall consider 
the arrangement already mentioned in paragraph (a), in which an 
arbitrary material system is in balanced equilibrium with its 
surroundings so that the system can give up positive or negative 
work to a work reservoir and can receive positive or negative heat 
from a heat reservoir, while all other changes relevant to the arrange- 
ment take place inside the system. If the temperature of the 
system is constant throughout and hence identical with that of 
the heat reservoir, then for a reversible change in the system the 
work done upon the surroundings will be equal to the decrease in 
chemical and mechanical potential energy, while in an irreversible 
change a certain fraction of the potential energy will be converted 
to heat. A given isothermal process {i.e., an isothermal process 
with given initial and final states, for which all intermediate states 
have the same temperature as the initial and final states) will 
therefore perform its maximum work upon the surroundings when it 
takes place reversibly. Since this argument does not assume any 
particular mechanism for carrying out the process, the maximum 
work A done by an isothermal reversible process will be independent 
of the path by which the process takes place. 

If potential thermal energy also takes part in the production of 
work, the temperature of the system cannot be the same throughout, 
since we have seen that potential thermal energy only exists in 
virtue of differences of temperature. Wc must thus assume that 
the system contains parts at different temperatures, most simply 
two heat reservoirs and R^ with temperatures Tj and jTj, so 
that the work is produced by the transport of the capacity factor 
of thermal energy, entropy, from the reservoir with the higher 
temperature to the reservoir with the lower temperature Tj. 
If this transport of entropy takes place reversibly, then the work A 
obtained by the transport of an amount of entropy S will be eqdal 
to the decrease in thermal potential energy, so that according to 
equation (2) we can write 

A = (T, -- T^)S. (6) 

This is the maximum work associated with the transport of entropy, 
andjby applying the first law to a reversible process it is seen that 
this maximum work must be independent of the path by which 
the tranBp<M't takes place. 

So far there is no essential difference between the oalooltitionB 
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of the work obtained from potential thermal energy and the work 
obtained from other forms of potential energy, since the decrease 
in the form of energy in question is quite generally equal to the 
product of a potential difference and the capacity factor transported. 
It would therefore be logical to treat all reversible processes under 
the first law of thermodynamics. However, the arrangement 
described in this paragraph is in principle identical with the so-called 
“ heat engine,” in which “ heat ” {i.e., equipotential thermal 
energy) is said to be converted to work, and it is therefore of interest 
to continue with a more detailed analysis of the conditions under 
which the transport of entropy is converted to work. 

We will for the moment consider the simplest form of the system, 
consisting only of the two heat reservoirs /fj and R^a.t temperatures 
T, and Tj. The system is in thermal communication with the heal 
reservoir which is at the tenijx-rature Tj, and is also in communi- 
cation with a work reservoir if ,4. 

In this system the process which produces work consists of a 
transport of entropy (amount S) from ifj to ifj, and according to 
our assumptions the work obtained is equal to the decrease in 
potential thermal energy associated with the transport of entropy, 
as given by equation (5). 

If the quantities of heat lost by ifj and given by if^ are respec- 
tively and jj, then since thermal energy is exjueHsible as the 
product of temperature and entropy, we ha\'e : — 


S = 


Si = — 

T, T, 


( 0 ) 


BO that the loss and gain of heat are in the same ratio as the temjjera- 
tures of the corresponding reservoirs. Equations (.I) and (ti) give 
(in agreement with the first law), 

^ = Si - S2- U) 


If therefore we only wish to obtain a quantitative comparison of 
the quantities of energy concerned, we can consider the amount of 
heat qi given up by ifj as being split up into two parts, of which 
one (52) is transferred from Ifj to if,, while the other {q^ — q.^) 
disappears, giving rise to the formation of an equivalent amount 
of work, i.e., 





S2 i'J’i) 

qi — Qi = A 


If we consider the heat is split up in this way, it might seem reason- 
able to say that the amount of heat q^ — 9, has been “ converted ” 
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to work. However, considerations of this kind give no information 
as to the actual origin of the work. In reality we cau apply just 
the same treatment as was used in paragraph (c) in connection 
with the production of work by systems containing non-thennal 
potential energy, i.e., the work can be considered as coming from 
a decrease of potential thermal energy inside the system, this potential 
thermal energy being itself formed by the transport of the amount 
of entropy S from to T^- The eoio'ersion of heat to work could 
be considered as estabbshed only if the absorption of an amoimt of 
heat by the system (i.e., ifj) were necessary to obtain the 

work A. Actually, the above considerations show that the produc- 
tion of work is independent of any such supply of heat from outside. 

The heat engine thus constitutes no exception to the ordinary 
devices used f(jr interconverting the different forms of energy. Its 



action in producing work is entirely analogous, e.g., to that of an 
electric motor. Tn the first ease the work is due to the descent of a 
quantity of entropy from a higher to a lower potential level, while 
in the second ease it is due to the sinnlar de.scent of a quantity of 
electricity. 

As regards the detailed mechanism which can be used to obtain 
work by transport of entropy, there are various possibilities. The 
simplest W'ould be to use an ideal thermo-couple : when the two 
junctions are placed in and this wdl produce electrical energy 
which can be directly converted to work in R^, while the current 
will use an amoiint of heat g, in ffj and give out amount of heat 
in f? 2 . Or one can use the well-known Carnot's cycle, which gives 
a particularly clear picture of the conversion mechanism involved. 

In Carnot’s cycle a substance undergoes the reversible changes 
indicated by the four-sided figure ABCD in the pressure-volume 
graph shown in Fig. 1. AB and CD are isotherms at temperatures 
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Ti and Tj, "while BC and DA are adiabatic curves, i.e„ curves 
representing changes which take place without absorption or emis- 
sion of heat. If the heat absorptions along AB and DC are gj and 
respectively, then by the first law the work obtained in the whole 
cycle is 

^ - ? 2 - 


It is easily seen that the area of the figure ABCD is a measure of 
this work. Further, we have from equation (6), 


qj Tg 


(8) 


Equation (6) or (8) can be used as a practical definition of tempera- 
ture, since the temperature can be taken to be proportional to the 
heat absorption which takes place when an arbitrary system 
undergoes an isothermal and reversible change between two fixed 
adiabatic curves. The question of the universabty of this definition 
is equivalent to the question of whether it is universally permissible 
to define thermal potential energy as the product of a quantity of 
entropy and the temperature. The latter question is formally 
answered in the affirmative by the consistency with which this 
definition of thermal potential energy can be applied in practice. 

The general character of the equation is also shown by a closer 
examination of the Carnot cycle, which we consider applied to two 
independent systems between the same two temperatures and Tj. 
Let the isothermal heat absorptions for the two systems be and 
gi' at Ti and q^ and at Tj. If the sizes of the systems are chosen 
so that g: = qi, then the heat absorptions q^ and qy (and hence 
also the works obtained A and A') must be equal, since if this were 
not so, by letting the two processes oppose one another we could 
obtain a positive amount of work ± (A — A') at the expense of 
an amount of heat absorbed ± (g^ — qy ) , which would contradict 
the second law. Hence we must have 


* 

?3 


92" 


( 9 ) 


which shows the universal nature of the definition of temperature 
given above. It will be shown later that the so-called Ihermo- 
dynamic lem/perature scale defined in this way (Kelvin) is identical 
with the gas thermometer scale usually employed. 

Fig. 2 shows graphically the content of equations (7) and (8). 
The figure also illustrates clearly the “ efficiency ” (defined as 
Alqi) characteristic of a given “ heat engine.” 
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The efficiency is thus taken as the ratio of the woik produced to the 
heat supplied. The reason for this terminology is that in practice the 
temperature is always higher than the normal temperature of 
the earth’s surface, so that in order to maintain the temperature Tj, heat 
must be supplied, e.g., by combustion. No corresponding arrangements 
are necessary in order to maintain the temperature T,, which is the 
temperature of the earth’s surface. If the temperature of the earth’s 
surface were' used as the higher tempoiature in the heat engine, the 
technical problem would be the removal of g, and not the supply of Ji, 
in Which case there would hardly be the same grounds for considering 
heat as a form of energy which can be converted to other forms. 

The above treatment deals with the energy changes associated with 
the transport of entropy from one temperature to another when the 
change is carried out reversibly. It will be seen that potential thermal 
energy is on the same footing as the other forms of potential energy, 
so that in general reversibility can be taken as typical of transformations 
in which interconversion takes place between different kinds of poten- 
tial energy, but in which the total potential energy remains constant, i.e., 

dE„ = 0. 

We shall now show that potential thermal energy is also on the 
same footing as the other forms of potential eneigy for changes which 
take place irreversibly by demonstrating that in all irreversible cases 
heat (t.e., equipotential thermal energy) is formed. 

The transport of entropy can be -caused to take place irreversibly 
simply by bringing the two heat reservoirs into thermal contact with 
one another when the process describwl as “ transport of heat by 
conduction ” takes place. Let us assume that the amount of heat 
thus transported from /fj to if, is so that this quantity of heat 
disappears from if j and appears in if,. If this proce.ss could be described 
merely as an irreversible transjiort of “ heat,” there would be no 
prodwtion of heat, as is the case for all other irreversible processes. 
It should however be noted that the transjiort of “ heat,” i.e., of 
energy, from one potential to another is a process exhibiting no analogy 
to the phenomena observed for other types of energy, since in the latter 
case it is the capacity factor of the type of energy in question which is 
transferred from one potential to another. If we maintain that this 
same process takes place for thermal energy, the process of “ heat 
conduction ” must be considered as a transference of entropy in both 
reversible and irreversible changes, and in the latter case heat must 
be formed at the expense of the potential thermal energy which is lost. 

Let iS be the amount of entropy, g, the heat lost by If, and g, the 
heat absorbed by if,, then 



while the heat liberated when the process takes place irreversibly is 
identical with the work which would be obtained if the same amoimt 
of entropy were transported reversibly, i.e., it has the value g, — g,. 
For a completely reversible change this heat must be liberated at the 
lowest temperature existing in the system, t.e., in if,. The total amount 
of heat absorbed by if, is hence g, -f- (g, — g,) = g,, i.e., the same as 
the heat lost by if, : tliis is of course required by the first law, and 
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corresponds to the simple oonoeption of “ heat conduction ” as a direct 
tremsferenoe of heat. 

As regards the mechanism by which the amount of heat — 5, is 
formed, we may assume that it takes place in the conductor connecting 
Rj and JB, and is produced by the “ entropy current," just as heat is 
produced in a conductor carrying an electric current. 

(d) Tempeiatoie and Maxiiuam Work. If we use the Carnot 
cycle described above as a means of utilising potential thermal 
energy as work, then the quantity 

A = S(T^ - T^] 

can be termed the work done, during the cycle. If the temperature 
difference is infinitesimal, this equation can be written 

dA = SdT 


or, introducing equation (6), 



( 10 ) 



This amount of work can be 
represented by the area of the 
quadrilateral ABCD (Fig. 3), 
where the isotherms AB and CD 
refer respectively to the tempera- 
tures T + dT and T. It is easily 
seen that in the case considered 
here, where the two isotherms are 
only separated by an infinitesimal 
distance the area ABCD can be 
put equal to the area A'B'CD, 


.since the area of the triangles 
AA'D and BB'(' are infinitesimal 


compared with the area of the quadrilateral. Equation (10) will 
therefore hold for any arbitrary cycle between two isotherms with 


an infinitesimal temperature difference. 

If the heating of the system between D and A' and between 
C and B' takes place at constant volume, then dA = A^ — A^, 
where A^ is the work done along the isotherm A'B', and A 2 is the 
work done along the isotherm DC. The work dA in equation (10) 
thus represents the increase in the work obtainable from a given 
process corresponding to an increase of temperature dT, the given 
process being the isothermal conversion of the initial state of the 
system corresponding to the point D, into the final state corre- 
spemding to the point C, the increase of temperature taking place 
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at constant volume. This result may be expressed by writing 
equation (10) in the form 



As is shown by their derivation, q in the last two equations is the 
“ reversible ” heat absorption, or the “ latent ” heat of the process. 
If we introduce the expression for the first law, AE ^ q — A, (11) 
Incomes 

a + = 1 , 2 , 

where A is the maximum work. This expression summarises the 
two laws of thermodynamics. 

(e) Kinetic Coniidecations. As will be sbowu in morn detail in 
Chapter III, the internal energy of a chemical system in equilibrium 
consists partly of the kinetic energy of the tliermal movement of the 
moleoule.s, and in most cases partly of a kind of potential energy 
depending on tho forces existing between the molecules or atoms. To 
this extent tViore is a formal analogy betweini internal thermal energy 
and the mechanical energy possossofl by microscopic bodies in virtue 
of their position and motion. As shown above, tlie empirical difference 
between these forms of energy is shown by tho impossibility of their 
reciprocal interconversion. From this point of view of molecular 
theory, this difference is due to the lack of order and direction which 
characterises the kinetic and potential components of thermal energy. 
The laws of thermodynamics are subject to the same qualifications as 
the impossibility of converting disorrlered molecular motion into 
ordered motion. It is clear that the possibility of such conversion is 
greater when only a few molecules are present than when (as in all 
practical cases) the number of molecules is very large : in fact, the 
problem itself vanishes when only one or two molecules are considered. 
This means that the second law of thermodynamics is really of a 
statistical nature, anil can be formulated as a law of probabilities. 

It should be carefully noted that what has been described as the 
potential energy of the molecules in an equilibrium system is essentially 
different from the potential energy described iii section ( 1 ). ' ‘ Molecular 
potential energy,” as the first of these forms might be called, is not 
“potential” in the sense that work can bo obtained from it. Its 
transformation to molecular motion gives rise maoroscopically to 
“ latent ” heat. 


3. The Thermodynamic Functions 

Among the thermodynamic quantities so far dealt with, the 
energy may be termed a thermodynamic function, since, as already 
stated, it is a quantity which depends only on the momentary 
state of the system in question. There exists a number of other 


p.c. 
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functions of wliich the same is true, which are useful quantities for 
deriving physico-chemical laws . The present section will be devoted 
to defining the most important of '^ese functions and obtaining 
relations between them. 

Since we are chiefly concerned with chemical applications, it will 
in general be permissible to exclude from consideration certain 
forms of energy, such as the mechanical energy which exists in 
virtue of gravitation, and the electrical energy which depends on 
the presence of free electric charges in the system. Similarly, we 
shall in general ignore capillary energy [II. 2. a.]. 

(a) Ehitropy. The concept of entropy has already been intro- 
duced in the preceding section as the capacity factor of thermal 
energy. This concept itself involves the assumption that entropy 
is a thermodynamic function, an assumption which is equivalent 
to the supposition that potential thermal energy is on the same 
footing as the other forms of potential energy. The character of 
entropy as a true thermodynamic function can be shown on a basis 
formally somewhat different by employing Carnot’s cycle. 

If a system is transformed reversibly from a state A of tempera- 
ture Ti to a state B of temperature by means of an isothermal 
and an adiabatic change, then the quantities of heat absorbed 
isothermally at Tj and Tg (Sfi ®'Jid gg respectively) will, as shown 
above, satisfy the relation 


9i _ gz 
T, Tg- 

It will always be possible to build up the reversible transformation 
from state A to state B from a series of alternately isothermal and 
adiabatic processes, and if we apply the above expression to the 
zig-zag line thus obtained, we obtain 


B 

I 


^ = Constant, 

r 1 


This means that the sum depend only upon the initial 

.4 ^ 

and final states A and B. Since any continuous curve connecting 
the points A and B can be considered as a zig-zag line of the kind 
described, we can also write for the integral along an arbitrsity 
guTve ffoin A tp R 
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B 

== Constant. (13) 

A 

The difiFerential under the integral sign is thus a complete difierential, 

§ = '/'S. (14) 

and the quantity S thus introduced (first termed the entropy by 
Clausius) is a function only of the state of the system. 

Equation (14) is subject to the important restriction that the 
absorption of the amount of heat dg takes place at the temperature 
T, so that it is not a sufficient condition for its validity that the 
initial and final temperatures of an infinitesimal change are both T. 
A process which conforms to the conditions of validity of (14) will 
be termed an infinitesimal reversible process, and in general we 
shall understand by an infinitesimal process one in which all the 
variables defining the state only undergo infinitesimal changes 
during the whole process. 

Thus for a reversible change of a system from state A to state B, 
the increase in entropy is given by 


B 



A 


where and Sji are the entropies of the two states. In order for 
equation (16) to be valid, it does not matter whether the reversibility 
of the change from A to R is due to the presence of an internal 
equilibrium in the system (when no work will be performed by a 
change taking place at constant volume) or whether we are dealing 
with a balanced equilibrium in which potential energy is trans- 
formed to work by a displacement of the equilibrium. 

If the latter is the case, i.e., if the system is not in internal equi- 
librium and the change taking place can be made to produce a 
maximum amount of work by a suitable coupling between the 
forms of energy, then an incomplete utilisation of the available 
work will lead to an irreversible stabilisation of the system. Since 
the work done by the system in this case will be less than the 
work which is obt^ed when the same transformation of the system 
is carried out reversibly, on account of the law of conservation of 
energy the amount of heat supplied must also be less, while the 
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inoteaae in both energy and entropy \nll be the same in both oases. 
We can therefore write for the two possible kinds of change 

(rev.) dq = TdS, (16) 

(irrev.) dQ = Td8 ~ A, (17) 

where dq. and dQ respectively are the amounts of heat supplied 
when the change takes place reversibly and irreversibly, and J is a 
quantity which is always positive. 

We now introduce the first law, which for the two kinds of 
infinitesimal change of state assumes the forms 

(rev.) dE — dq — dA, (18) 

(irrev.) dE = d/Q — dW, (19) 

where dA and dW represent respectively the amounts of work 
actually obtained in reversible and irreversible transformations. 
Introducing these expressions into equations (16) and (17), we 
obtain 


(rev.) 

dE^TdS- dA, 

(20) 

(irrev.) 

dE = TdS -dW ~A, 

(21) 

and hence 

A = dA — dW = dq ~ dQ. 

(22) 


A is thus the difference between the maximum work and the 
work actually obtained in carrying out the processes : similarly, 
from (16) and (17) it is the difference between the amounts of heat 
absorbed reversibly and irreversibly. If a given process is carried 
out in a series of different ways with gradually decreasing A, the 
course of the process will gradually approach reversibility. In other 
words, for a given process and a given quantity of substance, A 
can be taken as a measure of the irreversibility of the course of the 
process, since it represents the work lost (or the heat simultaneously 
produced) on account of the irreversibility. 

It should be noted that the difference between reversible and 
irreversible processes expressed by the above equations only exists 
when the irreversibility is an internal irreversibility caused by 
differences of temperature, pressure or chemical potentials in the 
system. The equations for the thermodynamic functions will 
therefore be equally valid even if heat is supplied to the system 
from reservoirs having temperatures differing from the constant 
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temperature of tlie system, or if volume changes take place in 
contact with matter at pressures differing from the constant pressure 
of the system. Analogous statements are true for chemical changes 
in the system. This depends upon the fact that S, E, T and p are 
all true functions of the state of the 83 r 8 tem. 

To illustrate further the rule that A has a positive sign, it is 
convenient to note that for systems of general chemical importance, 
irreveisibihty within the system can be due to the following causes : — 

(1) Temperature differences in the system, which can bring about 
irreversible transport of heat. If the system is supposed to consist 
of two parts at different temperatures, and if entropy is transferred 
reversibly from the higher to the lower temperature without any 
simultaneous volume changes or chemical reactions, then as shown 
above the maximum work which can be obtained is , j 


dA = (Tj - T^)dE, 

while the work obtained by the irreversible transport of the same 
quantity of entropy is less than this. 

(2) Pressure differences in the system, which can cause irre- 
versible volume changes. It follows directly from the principle of 
irreversibility that such processes lead to a loss of available work. 

(3) Differences in chemical potential in the system [3. d]. This 
can lead to irreversible chemical reactions or diffusion processes, 
which also take place with loss of available work. 

If, therefore, only the above three causes of irreversibility are 
taken into account, the quantity A characteristic of irreversible 
processes can be written as the sum of three terms, 

z/ = z/(0) + ^(n)+z/(n), 

where A is positive, while the single terms composing A can be 
either positive or zero. Since equations (20) and (21) are valid for 
infinitesimal changes, the presence of the term TdS indicates that 
we have attributed to the system a temperature T which is uniform 
throughout. The term A(Q) thus disappears for changes of this 
kind. If the pressure is assumed constant throughout the whole 
system, the term A{v) also disappears. In this case — i.e., for 
irreversible processes taking place at constant temperature and 
pressure — we have the following equation analogous to (21), 

’ dE = TdS ~dW -A. (23). 

In this equation A is defined as identical with A{n), i.e., as depending 
only on irreversible chemical processes or diffusion processes. 
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As abeiudy stated, d is a measure of the irreversibility of the 
path followed by the process, and will depend on the nature of this 
path. It is in principle'^poesible to obtain the maximum work 
which can be performed by the chemical processes taking place in 
the system, by means of special methods (described later) depending 
on the possibility of coupling together the various forms of potential 
energy [2. b]. When therefore we speak of the reversible carrying 
out of a process which can also take place irreversibly, the use of 
such “ special ” methods is intended. If no such special arrange- 
ments are made, the only work performed will be that done against 
the pressure of the surroundings, and in this case we may say that 
the process is characterised by its maximum irreversibility. We 
then have 


dW = pdi}, (24) 

and hence 

dE = TdS —pdv — zlo, (26) 


where is the maximum value of d. 

is a quantity which is completely fixed by the initial and 
final states of the system and is independent of the reaction mecha- 
nism, since the other quantities occurring in the equation are 
functions of the state of the system alone. Equation (25) is therefore 
always valid for a given change, independent of whether it takes 
place reversibly or irreversibly. It is only the significance of dj 
which is difierent in the two cases. If the change takes place 
reversibly dg represents the work obtained, while if it takes place 
completely irreversibly, d, is the work lost. In general we can 
characterise dg (defined by equation (25) ) as a quantity which is 
positive for processes which can take place irreversibly (or, in other 
words, spontaneously), but whose magnitude is independent of the 
actual course taken by the process. 

Equations (22) and (23) give 

d, = dd — pdv = dq — dQf,, (26) 

where dQg is the heat absorbed for maximum irreversibility, so that 
dg is the maxi m u m work which can be obtained from an infinitesimal 
process taking place at constant volume. 

If the process considered is not infinitesimal, hnt finite, then dg 
will not depend solely by the initial final states, but (as appears 
from equation (26) ) will depend on the course by which the process 
takes place. The same is of course true of A and q. 
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(b) SiatropF ftnd Eanilibrinm. If equation (25) is applied to a 
system which is isolated from its surroundings, then dE — 0 and 
dv = 0. We can therefore write for a process taking place under 
these conditions (but otherwise unrestricted as to its path), 

TdS = (27) 

Natural or spontaneous processes (i.e., processes which can take 
place irreversibly) will therefore obviously be accompanied by an 
increase of entropy. This is obviously true of both infinitesimal and 
finite processes. For processes which can only take place reversibly 
we have Jg = 0, and hence for processes of this kind 

TdS = 0. (28) 

Equation (28) represents the condition that a process taking place 
inside a system can only take place reversibly. Since reversible 
processes always take place through a state of equilibrium, the 
condition for equilibrium can be eiqpressed as 

(dS)E,. = 0. (29) 

This condition is generally valid, its special importance depending 

on the fact that it determines the equilibrium in a .system which 
from a thermodynamic point of view is completely isolated from 
its surroundings. 

(c) Other Thermodynamic Functions. According to equation (29), 
the conditions of equilibrium in a system can be found by investi- 
gating changes of entropy at constant volume and constant energy. 
In practice it is simpler to keep constant other parameters defining 
the state of the system, and it is possible to define corresponding 
thermodjmamic functions which are more generally applicable in 
treating chemical equilibria. 

The four following equations (of which only three are independent) 
serve to define such new thermodymamic functions in terms of 
energy and entropy. 

F — E — TS, j 

0 = F+pv, (. 

H a + TS, 

E = H ~ pv, 

All these functions were formulated by Willard Gibbs. The 
nomenclature used to describe them vary considerably. We shall 
employ the following nomenclature : — 
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F ; free energy, 

0 ; thermodynamic potential, 

H ; heat content (enthalpy). 

The term “ free energy ” was introduced by Helmholtz, but is some- 
times used to describe the function G (G. N. Lewis). 

The use of these functions is best seen by difEerentiating equa- 
tion (30) and combining it with (26). This leads to the following set 
of fundamental equations (including (25) for the sake of con- 
venience), 

dE = TdS — pdu — 

dF = — SdT — pdv — Jo, /gji 

dG= — SdT -f vdp — Jo, \ 
dH = TdS + vdp — Jo, 

All these equations have of course the same range of validity as 
equation (25), and the meaning of is the same as was explained 
in the paragraph following equation (25). 

It is seen from equation (31) that the increase in free energy (F) 
at constant temperature is equal to the work done reversibly on 
the system. Similarly, from equation (30) the increase in the heat 
content {H) at constant pressure is equal to the amount of heat 
absorbed, provided that only the amount of work pdt) is performed . 
In the same way, the increase of energy at constant volume is equal 
to the amount of heat absorbed, provided that no work is performed , 
and the increase of energy at constant entropy is equal to the work 
done reversibly on the system. We can therefore write for a change 
of finite extent, 


{JF)t=A, 
{JH\ = Qo, 
{J h)„ = Qo, 
(JEh -= A. 


(32) 


where Qg is the minimum absorption of heat corresponding to the 
maximum irreversibility, in agreement with (26). 

As a further application of the fundamental equations (31) we 
shall investigate more closely the relation between the thermo- 
dsmamio functions for changes of state in which == 0, i.e., 
changes in which the maximum work of an infinitesimal process is 
expressed by pdv, and can thus be measured by a simple piston 
arrangement. As shown above, systems in which only this type of 
change can take place are in internal equilibrium. In agreement 
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with this condition we delete the term throughout in equa- 
tion (31), giving 

dE= TJS — pdu, 
dF = — SdT — pdo, 

dG = — SdT+vdp. ' ’ 

dH= TdS+vdp, 

whence by partial difierentiation, 



These expressions will subsequently find extensive application 
in thermodynamical calculations. 

The condition for equilibrium (29) was derived from (25), and it 
is clear that we can use (31 ) to derive other expressions for equili- 
brium conditions. Proceeding in the same way as in the deduction 
of (29), we obtain 


(d£)s,„ = 0, 
(dF)r,„= 0, 
(dG)r.p = 0, 
{dH)s,p=0. 


(35) 


We thus see that in a system kept at constant temperature and. 
constant volume, irreversible processes will take place until the free 
energy has reached a minimum : similarly in a system kept at 
constant temperature and constant pressure, irreversible processes 
will take place until the thermodynamic potential has reached a 
minimum. 

The equilibrium conditions involving E and H can be expressed 
in an analogous manner. 

The fundamental equations (31) contain the term which is 
determined by the tendency to chemical reaction, and are therefore 
of decisive importance for a more detailed study of chemical equi- 
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libiia, tbe quantity J, being related to the chemical potentialg of 
the Bubstanoes concerned. Such derivations are however most 
conveniently based on the laws valid for “ open systems,” which 
will be investigated in the next section. 

By combining (34) with the definitions in equation (30) we obtain 
the two expressions 

=F— £= — TS. (36) 

or 

t(~^^=G-H=-TS, (37) 

which can be re-written in the form 



The last two equations are in a convenient form for numerous 
applications. 

By means of the relations given above and others which can be 
directly derived from them it is possible to calculate the changes in 
the thermodynamic functions, energy, entropy, free energy, etc., 
associated with a given change in the state of the system. No 
mention has been made of the absolute values of these functions, 
and such absolute values can in general only be determined by the 
conventional choice of a standard state., i.e., a completely defined 
state of the system in which definite arbitrary values are assigned 
to the thermodynamic functions. These values must of course be 
chosen so as to satisfy the fundamental equations (30). 

(d) Open Systems. The Obemioal Potential. For the changes of 
state so far considered it has been assumed that the system was 
“ closed,” in the sense that no matter was added or removed during 
the changes in question. Changes in the energy (and other thermo- 
dynamic functions) have been assumed to be caused solely by the 
transfer of heat (entropy) or work. The definition of enmgy is in 
reality based on this assumption. On the other hand, it is clear 
that the amount of substance is an important factor in determining 
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the energy and the other functions. Thus, for example, if the 
amount of substance is doubled, the internal (intensive) properties 
remaining unchanged, then the amount of energy will also be 
doubled. The question thus arises of how to formulate thermo- 
dynamic equations of general validity for open systems, i.e., systems 
which can gain or lose matter as well as heat and work. 

The laws for the change of energy in an open system can be 
formulated by adding to the expression for dE in (33) general terms 
expressing the effect of amounts of substance added to the system. 
These terms depend both on the nature of the system and on the 
nature and quantity of the added substances. If we consider a 
homogeneous system composed of a series of components K^, . . ., 

the effect of each of these components can be expressed as a product 
pdn, where dn is the amount of substance added and p a factor 
determined by the nature of the system and of the substance. The 
part of (33) relating to change of energy thus becomes, 

dE — TdS — pdv -|- -f . . . . (40) 

The quantities p^, p^ . . . thus introduced are termed the 
chemical potentials of the substances in question. Their significance 
appears from the general relation by which the energy can be 
expressed in terms of the independent variables S, v, nj, Mj, according 
to the laws for partial differentiation, i.e.. 



where the index n means that the amounts of all the substances in 
the system are constant with the exception of the one which occurs 
in the denominator of the differential coefficient in question. Com- 
parison of (40) and (41) gives 



showing that the chemical potential of a component is defined as 
the increase in energy undergone by the system when unit amount 
of tl^ Component is added to the system in such a way that the 
entropy and volume of the system remain unchanged. It is also 
necessary that the unit amount shall be very small compared with 
the total mass of the system. 
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Instead of defining the potential by means of an energy change, 
as in equation (40), it can also be defined by its relation to other 
thermodynamic functions. Differentiation of (30) gives 


dF=dE— TdS — SdT, 
dG — dF -{“ pdu -|- odp, (43) 

dH=dG+ TdS + SdT. 
dE = dH — pdi> — vdp, 

and by combining this with (40) we obtain 

dF = — SdT — pdu + pidni + p^dn^ -!-•••, | 

dG= — SdT -f- udp + + p^drtf + • ■ •, i (44) 

dH^ TdS + udp + Pidiii + pidn^ + • • • ^ 

It will be seen from (40) and (44) that we can write by analogy 
with (42) 



thus obtaining a definition of ft in terms of F, O, H and S. These 
definitions characterise /i as an intensive quantity (c/. section 1). 
The first two are of special importance. We see that the potential 
of a component in a system can be expressed as the increase in free 
energy undergone by the system when unit amount of the component 
is added to the system, the temperature, volmne and amounts of 
all the other components in the system remaining constant ; or as 
the increase of thermodynamic potential undergone by the system 
when the same process is carried out at constant temperature, 
pressure and amounts of the other components. To determine ft 
completely it is therefore necessary to know the value of the function 
F (or O) in the standard state from which the transfer takes place. 
However, practical applications are in general concerned only with 
differences of potential, so that the standard state is usually without 
importance. 

There is a particularly simple relation between ft and O. If the 
system only contains a single component, the expression for dO in 
(44) becomes 
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dG = — SdT + vdp -j- fidn, 

and hence 



(46) 

(47) 


Further, for a eheinioal system of constant co7njK)sition at constant 
T and p, G (like any other thermodynamic function) is irroportional 
to the amount of substance, so that we can write 


/^\ _ G 

Un /t.p~ n 

Combining this with (47), we have 



(48) 


(49) 


i.r.., the chemical potential of a pure substance is equal to the 
thermodynamic potential of the substance per unit amount. 

If Sdn-i = 0, while the individual changes dw,, dn^, ... in the 
system differ from zero, then the transport of matter in the open 
system can be identical with a material reaction in the closed 
system. The energy changes in the system for these two kinds of 
process are given by (40) and (25) respectively as 

df — TdS — pdif + Midrii -j- 

an<l 

dE — TdS — pdv — 4,. 


Since the tw'o proce.sse.s arc identical, it follows that for a reversible 
or irreversible process taking place in the closed system 

Zp^diXi = — dg. (50) 

If the process consists solely' on the transference of from a 
region where the potential is p', to a region where it is /a", then 

(/*'— /')rfn, = ^o. (51) 

in agreement with the law that spontaneous transfer takes place 
from a higher to a lower potential. A similar formulation can be 
used if the process considered is of a more chemical nature. 
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If (20) and (40) ore appEed to a closed system, it follows that the 
Tnaximum work is given by 


dA = pdo — (62) 

or for constant volume by 

dA— — ■ Sfi^dn^. (53) 

The same relations can be derived by applying the expression for 
dF in (44) to a closed system, since according to (32) — dP is a 
measure of the maximum work. 

In systems with uniform temperature and pressure, reversibility 
is always present for processes in which — 0. Hence in addition 
to the equations already given, the equilibrium eonditions for such 
a system can be expressed by 


2’/i,dni = 0, (54) 

where for each possible reaction the single amounts of substance 
dwj, dn^ . . . are connected by a stoichiometric equation [VI. 2. a.]. 

According to (64), the condition for equilibrium between two 
phases {e.g., one liquid and the other vapour) is that for each single 
component contained in the system the chemical potential shall be 
the same in the two phases. 

An important relation between the intensity factors T, p and n 
can be obtained by considerations analogous to those on which 
equation (48) is based. At constant intensity factors, thermo- 
dynamic functions such aa E, S, F and O are proportional to the 
amount of substance, and equations (40) and (44) can be directly 
integrated. We thus obtain for the function G the simple relation 

G = 2>,n,. (66) 

If this equation is difierentiated and the resulting expression for dO 
introduced in (44), we obtain the fundamental equation for the 
intensity factors of the system 

SdT — odp -|- Enidfi^ == 0, (56) 

which is of great utility for thermodynamical calculations. 

The use of the thermodynamic functions for calculating equilibria 
will be illustrated in the following sections. In order to express 
these equilibria in terms of directly measurable quantities such as 
temperature, pressure, volume, heat evolution, concentration, etc.. 
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it will be necessary to express the thermodynamic functions for the 
systems considered in terms of these variables. A complete descrip- 
tion of the equilibrium is only possible when this can be done for 
all the variables concerned, 

(e) Applications. This section wOl be devoted to the derivation 
of some formulas of special interest for physico-chemical problems 
on the basis of the thermodynamic relations already given, It is 
necessary for this purpose to know the relation which exists between 
cbangeB of temperature, pressure and volume for a given system, 
and we shall first derive the equation connecting these changes. 

It is not possible to derive a general equation of state of the form 
MT,p,v) = 0. 

However, if we consider, e.g., a change of volume, the rule for partial 
differentiation gives the equation 

or, (67) 

dr“ldr/p‘*'Up/rdr' 

If this general equation is applied to changes at constant volume it is 
transformed to the equally general equation 


or, 



( 68 ) 


This equation expresses the interdependence of the compressibility 
l/8«\ 

thermal pressure coefficient, J , and the coefficient of 
thermal expansion, • 


We shall next investigate the concept of specific heat. This is 
defined as the ratio between the amount of heat absorbed by a 
substance and the consequent change in temperature. The specific 
heat can of course have different values, depending on the conditions 
under* which the heat is supplied, and it is quite indeterminate as 
long as these conditions are not specified. Special importance 
attaches to the specific heats Cp and c„, which are valid for supply 
pf hwt at constant pressure and constant volume respectively. It 
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is a neeessary condition for the measurement of these quantities 
that no iireTersible processes take place in the substance considered. 

By combining the above definition vath equation (32) we see that 
the specific heats can be expressed by 



(59) 

and 


/dH\ 


(df 

(60) 

By combining these equations with (33) we obtain other expressions 

for the specific heats, i.e.. 





(61) 



{dT)~ 

(62) 

Finally, combination of (33) with (61) an<l (62) gives 



(03) 

and 



(64) 


which relations CHii also be obtaiiiod diieotly from the definition of the 
specific heats, since at constant preasure wo have 

dq = dE j)dv 

and at constant volume 

dq = dH — vdf. 

The difference between the two specific heats can bo obtained in 
a simple form from the expression for a change of entropy, 



which can also be written 
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Introducing (61) and (62) in this expression, we obtain 



Applying equation (75) (derived below) 



we have for the difference between the specific heats in terms of 
the pressure coeflBcient and the coefficient of expansion, 



Finally, with the help of (58) this can be re-written in the form. 



which contains the compressibility in place of the less accessible 
pressure coefficient. 

Equations (59) and (60) can be used for deriving the temperature 
coefficient of the heat evolved in transformations of chemical 
systems. If the initial and final states are denoted by the indices 
1 and 2, we have 



where AE and AH are respectively the increase in energy and heat 
content when the first system is transformed to the second at 
constant temperature. These quantities are identical with the heat 
absorbed during the process at constant volume and constant 
pressure respectively. These two equations express KirchJwff’s 
Law. 
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In order to derive the expreesions for the variation of the entropy 
■with pressure and volume (one of which has already been used) we 
can use the rule of differentiation according to ■which if a function 
of two independent variables is differentiated with respect to both 
variables, then the order of differentiation is immaterial. Thus, for 
example, if F is given by 

dU = Xdx + Ydy, (72) 

we have 



and hence by the rule of differentiation given, 


d’-L 

^ a^tf _ 

(^\ ~ 

(—] 

axdy 

dydx 

Uy jx 

\ J a 


(74) 


If we apply this result to the function 6, given by (33) as 
dG= — SdT+vdp, 

■we obtain 

/ as \ \ 

Ur;; 

Similarly, using the function F and the variables T and v, 



If (33) is written in the special form 



insertion of (76) gives 
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This important equation, which is valid for any homogeneous 
phase, is called the thermodynamic equation of state, and the quantity 



which obviously has the same dimensions as p, is called the internal 
pressure. The equation forms the basis for sjiecial equations of 
state, e.g., for the real gases, 

An otjuatioii containing -- v in place of p anti H in place of E can 
be derived in an analogoas way, giving 
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CHAPTER II 


STATES OF AGGREGATION 

1. The Gaseous State 


(a) The Equation ot State of Qasee. The most obvious way in 
which gases differ from the other states of aggregation is in their 
property of decreasing indefinitely in density as the pressure 
approaches zero. The lower the pressure and the higher the tempera- 
ture the more closely do gases approximate to the so-called ideal 
gas State, which is characterised by specially simple behaviour. 
In the case of some gases, e.g., hydrogen and helium, the deviations 
from this state are negligible even under ordinary conditions. 
When we speak of the “ gas laws,” we mean the laws obeyed by 
gases in this ideal limiting state. 

As the first of these laws we shall take Boyle-Marriotte'a law, 
according to which the product of the pressure and the volume is 
constant for a given mass of gas at a given temperature. The 
temperature on the gas thermometer scale is defined in terms of this 
product by writing 

pv = rT, (1) 


where r is a constant for the mass of gas considered. The size of 
the degree in this scale i.s determined by the convention that T-^—T^ 
= 100°, where Tj is the boiling point of water and its freezing 
point. Experiment has shown that the ratio between the corre- 
sponding products is 


{pv). 


= 1-366, 


giving Ti — 373-1, Tj = 273-1. 

For a given gas the constant r is of course proportional to the 
amount of substance present. If the amount of substance is one 
gram-molecule, experiment shows that for all ideal gases the 
constant has the same value if. Wc thus have for one gram-mole- 
cule of any ideal gas 

pv = RT, (2) 


an equation which is termed the equation of state for ideal gases, 
if is called the gas constant. The molar volume (t.e., the volume of 



n. 1. THE GASEOUS STATE 


37 


one gram-molecule) of an ideal gas at T = 273-1 and p — \. atmo- 
sphere is found by experiment to be 22-41 litres, from which the 
value of the gas constant is calculated to be 

R = 0-0821. (3) 

pv (which represents an amount of energy) is here reckoned in litre- 
atmospheres. If pv is in calories, we have 

R = 1-985, (4) 

while if pv is in ergs, 

R = 8-32 X 10’. (6) 

We have assumed here that the number of grams in a gram- 

molecule of gas has been fixed by chemical methods. It is possible 
to proceed differently, by defining one gram-molecule of gas as 
that amount which at very high dilution satisfies equation (2), 
using the numerical values given for R. This procedure is in some 
respects more satisfactory. 

If the equation of state (2) is represented graphically in a p-v 
diagram, a rectangular hyperbola is obtained. Real gases will 
conform more closely to this equation the higher the temperature 
and the lower the pressure. At very low temperatures the equation 
ceases to be valid. Comparing different gases, the deviations will 
in general increase vith increasing boiling jioint and increasing 
molecular complexitj’. If we intrcxluc-o the "concentration” c 
as the number of gram-molecules present in unit volume, we have 
obviously c = 1/e, and equation (2) becomes 

p = RTc. (6) 

(b) Internal Energy and Work. Experiments have shown that 
at constant temperature the energy content of an ideal gas is 
independent of the volume, t.c.. 


d/i 

do' 


^ 0 , 


( 7 ) 


This is shown by allowing the gas to pass spontaneously and 
adiabatically from one pressure to another : after equilibrium has 
been reached the temperature is found to be unchanged (Gay 
Lussac, Joule). If the state of the gas is changed from one isotherm 
to another, the energy change will therefore always be the same, 
independent of the way in which the change takes place. Further, 
if a change takes place along an isotherm, the work done will be 
equal to -the heat absorbed. 


q = pdv. (8) 

It follows from (2) and I. (30) that an equation analogous to (7) 
holds for the heat content H, 
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If the gas expands isothemaliy from volume to volume Pj, 
the total work done will be 



If the amount of gas considered is 1 gram-molecule, we have by 
introducing (2) 

A = «7Y/i-* = Rr/n^-‘. (10) 

"i Pi 

while' the amount of heat simultaneously absorbed has the same 
value. 

It is also of interest to consider the transfer of a finite amount 
of substance from a large reservoir A to another large reservoir B, 
and to investigate the work obtained when this transfer is carried 
out in different ways. 

We will assume that the pressure in ^4. is p and the pressure in B 
p + dp. We will further assume that any pressure changes produced 
in the reservoirs by the amounts of substance transferred are 
negligible compared with dp. 

We shall first consider that the transfer is carried out in such a 
way that the volumes of A and B are kept constant. In the first 
stage the substance is removed from A by means of a cylinder 
with a movable piston, giving an amount of work pv. The pressure 
of the gas which has been removed is now altered to p -f dp, giving 
an amount of work pdv, and it is finally introduced into B in the 
same way in which it was removed from A. The last operation 
gives an amount of work — (p + dp) {v -f dv), and we have in all 
dA — pv + pdv — (p + dp) {v -f dv) 
or, since dvdp can be omitted, 

dA = — vdp. (11) 

If on the other hand the transfer is carried out in such a way 
that the pressures (and not the volumes) of A and B are kept 
constant, it is easily seen that the work obtained is simply 

dA = pdv. (12) 

Both these formulae are generally valid, since no equation of 
state was introduced in their derivation. If the gas law (2) is 
introduced, (11) and (12) become identical. 

If we are dealing with ideal gases, the work done can also be 
calculated when there are finite pressure differences between the 
reservoirs. Integration of either (11) or (12) leads to the same 
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result : if the pressures in A and B are respectively pj and pj S'^d 
the amount of substance transferred is 1 gram-molecule, then 


A =nTln^. 

Pi 


(13) 


(c) The Om Thermometer Seale and the Absolute Thermodynamic 
Seale. According to (8) and (10) we have for the isothermal rever- 
sible volume change of a gas 



q = A = RTln 

(14) 


"i 

Differentiation gives 

dA = RdTIn , 

(15) 


t'l 

and hence 

II 

(16) 


The temperature in equation (16) is measured by the gas thermo- 
meter. This equation is however identical with the expression 
previously obtained, I. (11), where T is measured by the absolute 
thermodynamic scale ; hence the two scales must coincide. The 
size of the degree used in the thermodynamic scale is generally 
the same as that employed in the gas thermometer scale. 

The same result is arrived at by introducing (7) into the thermo- 
dynamic equation of state, I. (78). This gives 



which is identical with the relation between p and T derived from 
the equation of state pv — RT. 

(d) The Specific Heat of Gases. For perfect gases we have 
from (7), 



These quantities are identical with the specific heat at constant 
volume. 

For perfect gases the difference Cp — Ci- can be calculated from 
the general formula, I. (68) 
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by introduoing the equation of state (2). This gives for the speoifio 
heat per gram-molecule 



If the specific heats are measured in calories, will therefore 

be 1-985. 

The same result can be derived directly from (17), since this 
equation in conjunction with I. (18) shows that the difference 


between the two specific heats is 


P 



In equation (19), the difference on the left-hand side can be 
obtained directly from calorimetric measurements, while the term 


' bu ' 


p given in mechanical units. This equation therefore 

offers a possible method for determining the proportionality factor 
known as the mechanical equivalent of heat (J. R. Mayer). 

Important relations concerning the specific heats of perfect gases 
are obtained from kinetic theory [III. 2, d,]. 

(s) Adiabatic Changes. For a reversible adiabatic change 
dS = 0, and hence from I. (33) : 

dE -t- pdv — 0. 

Introducing dE = c^T, we have 

c^T + pdv — 0. (20) 

For a perfect gas we can introduce the equation of state (2), giving 
c^nT + Rdlnv = 0. 


Introducing (19) and assuming that — — /; we have 


=Conslaiit, (21) 


giving on introducing (2), pw* = Constant, (22) 

or 

T* = Constant. (23) 

(t) Thermodynamic Fnuctioni lor Oases. For an arbitrary 
change in the state of a perfect gas, I. (59) gives 

dE = c^T. 

The entropy change can be calculated from I. (33) : 

dE = Tda — pdv. 


(24) 
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by means of (24), the equation of state (2) and the relation (19) 
between the specific heats. Remembering that dlnT = dlnv + dlnp, 
this gives 

dS — Cadln T + lidhw, 
dS ~ Cpdin T — lidlnp, 
dS — Cudlnp -j- Cpdinv. 

Except at low temperatures, the specific heat c, can be considered 
as approximately independent of temperature. This enables us to 
obtain approximately valitl expressions for energy and entropy by 


integrating (24) and (26), 

E^c„ri/,. (26) 

S = c„li,T+Rliw + h. (27) 

(27) and I. (30) give for the other thermodynamic functions 

F - - cJlnT + (<•„ - 1(1, w - /.) r + /i. (28) 

a -- („TIn T + (c - RUtu - /.) I'+h, (29) 

H = cJ+h. (30) 


An expre.ssion for the chemical potential of a gas can be derived 
from I, (34), 

()G\ 
dp )t~ 

by introducing I. (49) and the equation of state (2). This gives for 
1 gram-molecule 




or, 

dp = RTdlnp, (31) 

valid for constant temperature. Integration gives 

p = RTInp + i, (32) 

where t is a constant depending on the temperature but not on the 
pressure. The constant is obviously equal to the value of the 
potential at the temperature T and at unit pressure. If t represents 
a constjant independent of both T and p, then (32) is only valid at 
consiant temperature. The relation can also be derived directly 
from (29). 
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If (32) is applied to two states of 1 gram-molecule of gas at the 
same temperature, i can be eliminated, giving 

Fi— Mi = RTln — • ( 33 ) 

Pi 

2. The Liquid State 

In contrast to gases, liquids are characterised by forces of cohesion 
depending upon intermolecular attractions, in virtue of which they 
can in general exist with finite volume not only at zero pressure 
but also at negative pressures. The gaseous and liquid states 
cannot however be said to differ in principle, and it is possible to 
carry out continuous transitions from one to the other. Cohesion 
causes liquids to have a relatively high density and changes in the 
external pressure or the temperature only produce a small volume 
change for the same reason. 

(a) Surface Tension. The presence of cohesion is particularly 
noticeable at the surface of a liquid, since here the action of the 
cohesive forces is more one-sided than in the interior of a mass of 
liquid. The surface tension y is defined by considering a unit of 
length in the surface of the liquid : the surface tension is then the 
force acting at right angles to the unit of length and parallel to the 
surface. The surface tension thus has the dimensions of force/length. 
On multiplying it by the area of the surface a quantity having the 
dimensions of energy is obtained. 

It is convenient to note here the different forms of mechanical 
energy which are of importance for physico-chemical phenomena, 
namely, 

(1) k . I force X distance 
k 

(2) j . 1* tension X area 
k 

(3) p . P pressure X volume. 

It is the second of these forme which is directly concerned in surface 
phenomena. 

The surface can constitute the interface between the liquid 
considered on the one hand, and on the other hand a vacuum, the 
vapour of the liquid, the atmosphere, or other gases, liquids or 
solids. It is to be expected that y will be different in these different 
cases. The surface tension is thus really a property of two phases, 
and is more correctly described as an interfacial tension. However, 
if one of the phases is gaseous it will in general have practically no 
effect on the value of the tension. 
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Surface tension can be determined by measuring directly the 
tension in these films of liquid, or by the rise of the liquid in capillary 
tubes. In the latter case the equation 

2irry = TtVlp 

(where r is the radius of the tube and p the density of the liquid) 
expresses the fact that the surface force is equal to the weight of 
liquid supported. It gives for the surface tension 

y = \rhp (34) 

so that for a given liquid the rise is inversely proportional to the 
radius. 

As an example we shall give the values of the surface tension in 
ergs per sq. cm. for a number of liquids at 20°. 

Table I. Surface Tension 


Liquid. ■y. 

Water 72’8 

Mercury ....... 440 

Alcohol ....... 220 

Glycerol ....... 64 

Benzene ....... 28’9 

Ether ....... 16-9 

Acetic acid . . ' . . . . 23’5 


The surface tension between a hqukl and its vapour will always 
decrease with rise of temperature and will become zero at the critical 
point. 

For “ normal " lujuids [IV. 3. i.] the following relation has been 
found 

-- k(To~T). (^5) 

where v is the molar volume, T the experimental temperature, T,, the 
critical temperature and fc a constant independent of the nature of 
the liquid. Since v' i.s proportional to the surface of, e.p., a sphere 
containing one gram-molecule, the above equation states that the 
temperature coefficient of the molar surface work has a constant 
value for “ normal ” liquids. Equation (35) is however only very 
approximate, and is inapplicable to liquids like water and alcofiol 
which deviate largely from “ normality.” 

A quantity which experience shows to be independent of temperature 
is 



where M is the molecular weight, D the density of the liquid and d 
that of the vapour. This quantity is called the “ parachor,” and is 
foimd to be an additive function of constants characteristic of the 
single atoms and groups of atoms of which the molecule is built up. 
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The increase of the surface of a liquid requires an atnount of 
work which is equal to the product of the suriace tension and the 
increase of area. The process will also be accompanied by thermal 
phenomena. The energy of a given quantity of a liquid will there- 
fore be dependent upon the extent of its surface. In the thermo- 
dynamic formulae developed so far, we have used the expression 
<L4 = pdv, and in general taken no account of the surface as 
poBsesaing any thermodynamic properties. However, the energy 
changes associated with changes of surface are in general negligible 
compared with the other amounts of energy concerned in the 
equations. Thus the specific surface work for water (i.c., the 
work necessary to increase the surface of water by 1 sq. cm. at 
oonstant volume) is only 72 ergs, or about 1-7 X 10“* calories. On 
the other hand, for verj^ large surfaces, such as occur in emulsions 
and colloidal solutions, the surface energy becomes of importance. 

If the surface work is taken into account, we must write in 
place of dA — pdv, 

dA = pdv — yda, 

where a is the area of the surface. If the change of surface takes 
place at constant volume, we therefore have 

(dA)r = — yd(7, (30) 

All the previously derived thermodynamic equations can there- 
fore be transformed into new equations by writing throughout <t 
instead of v, and — y instead of p, provided that the processes 
considered take place at constant volume. Thus the thermodynamic 
equation of state (1. 78) 



must be written as 





(37) 


when the effect of the surface is taken into account, and this leads to 



This equation relates the surface tension and its temperature co- 
efficient to the quantity 



11.2. THE LIQUID STATE 


45 


which is the specific surface energy Since y decreases with increas- 
ing temperature for the liquid-vapour interface, will be greater 
than y : i.c., the increase in energy is greater than the work done. 
The diflference between these two quantities is stored in the system 
08 “ latent ” heat, analogous to latent heat of evaporation. 

According to (35), y is approximately a linear function of the 
temperature ; hence from (38) the specific surface energy is approxi- 
mately independent of temperature 


It IS a matter of cxpeiience that amall <liops unite spontaneously to 
foiTn laiger ones. This phenomenon <le]«‘n(ls upon the fact that the 
union of the small drops is lueomponied by a deciease of surface, so 
that Muiface woik can he ohtaiiii-d liotn the pioeess. The effect of the 
ladius of the diops eaii be shown in the following way. 

4 

Fiom the foimiiU' a lirr-’, »’ - gif’r, we sec that the ladius r, the 
siiifaeo a and tlio volume v of a sjiheie satisfy the oqiiations 

1 dt; i Jo _ dr^ 

F ~ 2 a ~ r’ 

and I, I 

F~ 3 ■ 


Thts gives 



and foi the oliaiiBe of suiface when a positive volume o is tiansferied 
from the first spheio to the second, 

do = dOi — doi — j dv. 


This shows that the suiface is deeieaseil when r, > Tj, i.e , when the 
transfeience takes place fiom a sinalku to a laiger drop The numerical 
value for the work of tiansfei is obtaiiusl by multipljmg Ja by y. If 
r, > > r, the total woik foi the union of tin small drop with the large 
one becomes 


ydoi 


(3a) 


The work of tiansfei — yda can also be expiessed by means of equa- 
tion (52), so that we can wiite foi one gitim molecule 


- ydo = RTIn 

dH* pt 


In 


_ 2i>y / 1 _ IV 

“ RT\r» rj 


(40) 


wh«®oe 
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'.V is here the molar volume of the liquid, rj, Pj and r,, Pj the radii and 
vapour pressures of the two drops. It will bo seen that the smaller 
drop has the greater vapour pressure, and that the ratio of vapour 
pressures can be calculate if the molar volume and surface tension of 
the liquid are known. 

Two drops of equal siae will not have any tendency to unite, since 
they have the same vapour pressure. If however the process is started 
by the passage of a small quantity of substance from one drop to the 
other, it will continue with ever-increasing tendency until the two 
drops have become one. 

(b) Viscosity. The extent to which a liquid is mobile is expressed 
by the term viscosity, a high viscceity denoting a great resistance 
to change of form. For some substances {e.g., glass) the viscosity 
is 80 high that the mechanical properties of the substance approach 
those of the crystalline state. Substances of this kind are termed 
amorphous. 

If the space between two plane parallel plates distant I apart is 
filled with a liquid, and it is necessary to apply to one of the plates 
a force h to produce a velocity h relative to the other plate, then for 
small values of I the following equation will hold, 

b = /f-. (41) 

V 

where ij is the coefficient of viscosity of the liquid. The coefficient 
of viscosity is thus defined ais the force per unit area necessary to 
produce unit relative velocity when the plates are unit distance 
apart. 

The viscosity can be determined from the rate at which the 
liquid flows through a narrow tube, or from the rate at which a 
sphere sinks in the liquid. In the latter case the motion obeys 
Stokes’ law (XI. 2. d.), 

^ Qntjr' (42) 

B = hjk is the “ mobility,” i.e., the velocity produced by unit 
force, and r is the radius of the sphere. The application of this 
formula to particles of various kinds is of considerable importance 
in several branches of physical chemistry. The following table 
gives the viscosity of a few liquids at about 20°, expressed in abso- 
lute unita ( »; = — ) • 

\ cm • sec / 
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Table 2. Viscosity 


Liquid. y. 

Ethyl alcohol . . . .0-012 

Ethyl ether 0 0022 

Water 0-010 

Glycerine (86%) ..... 10-7 

Mercury ...... 0-016 


3. The C'ryst allin e State 

Oystals are characterised by a fixed geometrical form, which is 
not only apparent externally but is a property belonging to the 
crystal as a whole : this is shown, for example, by the existence of 
definite planes of cleavage. They are also characterised by a certain 
elasticity, i.e., if they are deformed (within certain limits) they 
tend to return to their original form when the deforming force is 
removed. We can also say that the projierties of crystals are in 
general dependent on the direction relative to the geometrical axes 
characterising the crystalline form : this is true, e.g., of the coeffi- 
cient of expansion and the compressibility. Such properties as the 
tendency to evaporate or dissolve are also different for different 
directions within the crystal. For this reason crystals are described 
as anisotropic substances, in contrast to the two other states of 
aggregation, gaseous and liquid, which together constitute the 
fluid or isotropic state. This difference depends upon the difference 
in the inner structures of isotropic and anisotropic substances, 
and can be accounted for on the basis of molecular theory. 

While gases approach the perfect gas state with increasing 
temperature and decreasing pressure, crystals possess the simplest 
properties at low temperatures and high pressures. Under these 
conditions they approach the so-called ideal crystal stale, in which 
the mechanical and thermal properties are constants independent 
of pressure and temperature. Thus the coefficient of expansion and 
the compressibility (which even under ordinary exfierimental 
conditions are very small compared with the corresponding quanti- 
ties for gases) will approach zero with decreasing temperatufe. 
It is however difficult in practice to reach the ideal crystal state. 

According to the simple rule of Dulong and Petit, the atomic 
heat (i.e., the product of the specific heat and the atomic weight) 
of an element in the crystalline state should be about 6-2 at ordinary 
temperatures. For crystalline compounds the rule of Kopp and 
Neumann states that the molecular heat is approximately an 
additive function of the atomic heats. These rules are not however 
universally applicable, and in some cases, e.g., for carbon and 
boron, there are considerable deviations. 
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At low temperaturea the specific heat of crjvtalline BubstaiKtes 
falls attymptotically to zero, the curves for a few substances being 



shown in Fig. 1. At very low temperatures the specific heat can 
be expressed by the equation 

r,. = aT3, (43) 

where a is a constant characteristic of the substance. The tempera- 
ture dependence of the specific heats of solids has been of great 
importance for the molecular theory of this state of aggregation, 
and will be considered further in Chapter III. 

4. Changes of State. Phase Equilibrium 

(a) The Liquid-vapour Equilibrium. If a substance is present as 
two phases simultaneously, e.g., as liquid and as vapour, then if the 
temperature is fixed there can only be equilibrium between the 
phases if the pressure has a certain definite value called the .vapour 
pressure. If the pressure is greater or less than this, condensation 
or vaporisation takes place respectively until the equilibrium 
pressure is reached. Vaporisation is accompanied by absorption 
of heat, i.e., if the temperature is to be kept constant during the 
process, heat must be supplied. The vapour pressure increases 
with increasing temperature, and the curve representing this increase 
will be investigated below. 

(b) Work and Heat of Vaporisation. If a liquid is vaporised in a 
vacuum, no work is done. If it is vaporised reversibly at an external 
pressure equal to the vapour pressure p, 1 gram-molecule may be 
said to do work A = p(v — »j), where v is the volume of the vapour 
and Vy that of the liquid. Tl^ expression can be simplified to 

A =pv = BT, 


(44). 
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if can be neglected in comparison to v. This work is thus inde- 
pendent of the magnitude of the vapour pressure, and hence of the 
nature of the liquid, depending only on the temperature. 

The heat of vaporisation q is the heat absorbed during isothermal 
vaporisation when there is equilibrium between the two phases. In 
contrast to the work of vaporisation, it depends on the nature of 
the liquid. If the decrease in energy ^on vaporisation is termed 
— AE, we have the equation 

q = A AE, 

and the greatest heat of vaporisation is thus obtained for reversible 
vaporisation. Under ordinary conditions (i.e., when the liquid is 
in contact with saturated vapour) the process of vaporisation takes 
place reversibly, and the heat of vaporisation determined calori- 
metrically is therefore equal to the reversible heat of vaporisation. 
This is also the case when the vaporisation takes place in contact 
with the atmosphere and is accompanied by irreversible diffusion 
of vapour, since the work done is RT in this case also. The work of 
vaporisation is as a rule only a small fraction of the heat of vaporisa- 
tion. 

When a vapour is oondenseii to liquid, an amount of heat is evolved 
equal in magnitude to the heat of vaporisation. This “ heat evolution ” 
does not originate in the same way as the heat produced by the irre- 
versible transformation of other forms of energy ; this is shown (for 
example) by its symmetrical relation to the heat of vaporisation, which 
is a negative heat evolution. Both these heat phenomena (as well as 
analogous phenomena associated with other changes of state and similar 
processes) are best characterised as the extensive thermal quantities 
which must be supplied or removed in order that the process shall bo 
able to take place isothermally. It would actually be in many respects 
advantageous to deal with the entropy change associated with vaporisa- 
tion (and other changes of state), rather than with the corresponding 
amount of heat. This is shown, for example, by the fact that in the 
equations governing such changes the amount of heat appears divided 
by T. 

The variation of the heat of vaporisation with temperature is 
calculated in the following way. By differentiating the last equation 
we find for the reversible heat of vaporisation 

dq dA dJE»- 
dT "" dT * 'df ' 


We also have from 


(19) and (44) 


r.c. 


dA 

dT 


R — Cp — Cr, 
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and Irron I. (70) 

■ — <^i (*®) 

where Cj, Cp and are the specific heats of the liquid, the vapour 
at constant pressure and the vapour at constant volume, respectively. 
These equations give 


^-c 
dT ’’ 


— Cl. 


(46) 


The heat of vaporisation will thus decrease with increasing tempera- 
ture (since the specific heat of a liquid is greater than that of the 
corresponding vapour), and will approach zero as the temperature 
approaches the critical point. 

(c) The Pressnre-volame Diagram for the Process of Vaporisation. 

In the p-v diagram in Fig. 2 the curves A BCD and A’B'C'D' repre- 
sent two isotherms for the fluid state. .45 is the isotherm for the 



liquid, CD iiat for the vapour. The portion BC, in which the 
pressure is constant and independent of the volume, corresponds 
to the process of vaporisation or condensation in which liquid and 
vapour are present simultaneously. BC represents the change of 
volume accompanying this change of state when the vapour is 
saturated, i.e., the liquid and vapour are in equilibrium with each 
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other. Increase of temperature increases the volume of the liquid 
but decreases the volume of the vapour, since in the latter case we 
have 



P 


and the fraction T/p decreases with increasing pressure, as shown 
by the equation for the vapour pressure curve (49). The volume 
change becomes zero at M, which is the critical point at which 
the curves for v and meet without discontinuity. 

We can imagine a continuous transition from liquid to vapour 
to take place along the partly unstable curve ABCDEFO in Pig. 4, 
Chapter III. If the minimum E lies below the abscissae axis, the 
liquid can exist under a negative pressure. 

(d) The Vapour-Pressure Curve. The vapour pressure increases 
with increasing temperature according to a curve having the 



l-ig 3. 

general form denoted by NK in Fig. 3. It runs from the absolute 
zero N to the critical point K, where the properties of liquid and 
vapour become identical. The transition from a point A (corre- 
sponding to the liquid state) to a point B (corresponding to the 
vapour state) can either take place by the direct path AEB, when 
evaporation (i.e., a discontinuous change of state) will take place 
at F, or by the path ACB around the critical point, when the 
transition will be continuous along all parts of the curve. The 
latter possibility shows that there is no difference in principle 
between the liquid and vapour states. The phenomena of vaporisa- 
tion and condensation can only take place at pressures and tempera- 
tures below the critical values. 

Thfrform of the vapour pressure curve can be derived by applying 
to the process of vaporisation the second law of thermodynamics 
in the form of equation I. (11), 
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q is here the heat of vaporisation and A the work of vaporisation. 

If the two isothermals in Fig. 2 are only an infinitesimal distance 
apart, it is easily seen that dA in the above equation is equal to the 
area BCC'B'. We can thus write 

dA = (v — Vj)dp, (47) 

where dp is the increase of vapour pressure which accompanies an 
increase of temperature dT. The dependence of the vapour pressure 
on the temperature is thus given by 


q = T{o — Di) 


dp 

dT' 


(48) 


the so-called Clausius-CIapeyron equation. It is quite generally 
valid, since only the second law has been usetl in its derivation. 

If we introduce the assumptions v >> and pv = BT, (48) 
becomes 


q = RT 


dlnp 

It' 


(49) 


from which it is seen that the relative vapour pressure increase is 
determined by the heat of vaporisation. The assumptions involved 
in (49) are however not rigorously true, and the equation is therefore 
only approximately valid. 

If (49) is integrated on the assumption that q is constant over a 
certain temperature range, we obtain as an approximate expression 
for the vapour pressure curve in this temperature range 

(50) 


showing that there is a linear relation between Inp and the reciprocal 
of the temperature. qjE can be determined as the slope of the 
straight line which represents the relation between Inp and IjT. 

If (6) is introduced into (49), we obtain 


or 


q—RT = RT''^, 

AE = i?r® . (51) 


An equation analogous to (49) thus represents the relation between 
the relative change in the concentration of the saturated vapour 
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and the energy of vaporisation, sometimes called the “ internal 
latent heat of vaporisation.” 

The complete course of the vapour pressure curve will be con- 
sidered in a later section [X. 1. f.]. 

The temperature T at which the vapour pressure is p is called the 
“ boiling point ” of the liquid under a pressure p. If no pressure is 
specified, the boiling point is the value of T at normal atmospheric 
pressure. 

(e) The Equilibrium Crystal-liquid. The melting point may be 
defined as the temperature at which the crystalline and liquid forms 
of a substance are in equilibrium. Above this temperature the 
crystals will melt completely, and below this temperature the 



reverse process will take place spontaneously (the pressure being 
kept constant). 

At the melting point the crystal and the liquid must have the 
same vapour pressure, since they are in equilibrium. At all other 
temperatures their vapour pressures will be different. The vapour 
pressure curve for the crystal is determined by an equation analo- 
gous to (48), q being now the heat of sublimation, i.e., the heat of 
vaporisation of the crystal. This must be greater than the heat of 
vaporisation of the liquid, since it may be regarded as the sum of 
the latter quantity and the heat of fusion. The vapour pressure 
curve of the crystal will therefore be steeper than that of the liquid. 
If the vapour pressures of the two phases are plotted in a p-T 
diagram, two curves will be obtained intersecting at the melting 
point (Fig. 4). 

Since the form which has the greater vapour pressure must be 
unstable with respect to the other form, at temperatiues below 0 
in Fig. 4 the lower curve must refer to the crystal. This argument 
provides another proof that the curve for the crystal is the steeper. 
The part of the curve Op^ cannot be realised in practice, while the 
part Opy is usually realisable. 
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The work done during fusion is normally very small compared 
'with the work of vaporisation, on account of the small volume 
change which accompanies fusion. This work only becomes appre- 
ciable if fusion takes place at high pressures. 

The maximum work which can be derived from the process of 
fusion (or crystallisation) is very nearly identical with the maximum 
work which can be obtained by transferring the vapour of the 
substance from the pressure to the pressure pj (or vice versd), 
where p^ and pj are the vapour pressures of the crystal and the 
liquid respectively. We have therefore to a good approximation 
from (13) 

A^±Rm^. (52) 

At the melting point Pi = pj, and the maximum work is therefore 
practically zero. Equation (62) is generally applicable to transfer 
from one condensed phase to another. 

Since the work done is small, the heai of fusion will be very 
nearly equal to the energy supplied during fusion, and this equality 
will only cease to hold at high pressures. The relation between 
the heat of fusion and the vapour pressure curves of the liquid and 
the solid can be found in the following way. Just as the conversion 
of a gas from pressure p + dp to pressure p can produce an amount 
of work vdp (equation (11) ), so the conversion of a liquid of vapour 
pressure p -)- dp to a solid of vapour pressure p can produce the 
same amount of work vdp. This work is zero at the melting point. 
At a temperature diflEering from the melting point by dT, the vapour 
pressure of the liquid is p dp, and that of the crystal p -|- dpj. 
The difference in vapour pressure is hence dp^ — and the 
conversion of crystal to liquid can provide an amount of work 

dA = v{dp2 — dpi). 

Introduction of equation I. (11) gives 

a — Tn( 

( 53 ) 

independent of whether the gas laws are valid for the vapour. This 
equation relates the heat of fusion of a given amount of substance to 
its volume in the vapour state and the direction of the vapour 
pressure curves of the solid and liquid phases at the melting point. 

The application of equation (45) to the process of fusion gives 
directly 
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where c, and Cj are the specific heats of the liquid and the cryBtel 
respectively. Since > c,, the numerical value of the heat of 
fusion will increase with increasing temperature. 

(I) The Effect ol Pressure on the Melting Point. By applying the 
dA ^ 

equation g = to the process of fusion we obtain (just as for 

vaporisation) 


q — T{Vi — o^) 


df 


(55) 


This equation expresses the relation between the heat of fusion and 

dT . , , 

i.e., the variation of the melting point with pressure, q is 

positive, as in the case of vaporisation. On the other hand, while 
the increase of volume on vaporisation is always positive and 
relatively large, for fusion is usually small and may be either 

positive or negative. If Uj — is positive, i.e., if the density of 
the crystal is greater than that of the liquid (as is usually the case), 
dp 

then must also be positive and the melting point will be increased 

by pressure. In the case of water and a few other substances t>] — Vj 
is negative, and the melting point will therefore decrease with 
increasing pressure. 

It is of course possible to use equation (55) quantitatively for 

dT 

calculating q or If the volume is expressed in litres and the 

pressure in atmospheres, then the right-hand side of (55) will be 
expressed in litre-atmospheres and the heat of fusion must be 
expressed in the same units. Thus for 1 gram of water q = 80-3 cals. 
= 80-3/24-20 l.-atm., = 0-00100, = 000109, T = 273°. 

dT 

These values give ^ = — 0-0077°, while experiment gave a 

value of — 0-0078° for an increase of one atmosphere in the pressure. 

If equation (65) is integrated, taking into account the variation 
of q with temperature, a general expression for the “ melting curve ” 
is obtained. Experimental investigations with very high pressures 
and correspondingly high displacements of the melting point have 
been recently carried out [e.g., by Tammann). 

(g) AUotropio and Polymorphic Tranalormations. From a 
thermodynamic standpoint, allotropic or polymorphic transforma- 
tions do not differ from the processes of fusion and crystallisation. 
If "^e vapour pressure curves of two allotropic forms are plotted 
in a p-T diagram we obtain two curves intersecting at the tempera- 
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tUre at the two f onna oan exist sinraltaneouBly in equilibrium 

with each other, t.e., the transition temperature. In Fig. 6 this point 
is marked as O and the two curves II and III. Below 0 at 
temperatures below the transition point) the form III has the 
smaller vapour pressure and is thus the stable form, while II will 
be the stable form above 0. If I represents the vapour pressure 
curve of the molten substance, then (as shown above) P and Q 
are the melting points of the two forms, and it will be seen from the 
figure that the melting point of the unstable form III must be lower 
than the melting point of the stable form II. If the position of the 
vapour pressure curve of the liquid phase is as shown by I' in the 
figure, then it will never be possible to realise the transition point 
0, and III will always appear as the more stable of the two cr3n3tal- 


m II 



line forms (monotropy or enantiotropy). There will be a similar 
state of affairs if I or I' represents the vapour pressure curve of a 
third solid modification of the substance. 

These considerations presuppose that the vapours produced by 
the two forms are chemically identical. If this is so, we are dealing 
with polymorphism, or physical isomerism, while substances 
which are chemical isomers usually form vapours which are also 
isomeric. In the latter case the rules for vapour pressure and 
melting point given above cannot be applied. 

The production of the form stable at the higher temperature 
from the other form must always be accompanied by absorption 
of heat : this follows directly from equation I. (10). The effect of 
pressure upon the transition temperature can be calculated from 
the heat of transition just as in the case of fusion. 

It appears to be a generally valid rule that at a melting point .or 
transition point the form which is stable at a higher temperature has 
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the larger specific heat. In the case of a melting point this mnaria 
that the specific heat of the liquid form is greater than that of the 
solid. The numerical value of the heat of fusion or transition will 
therefore increase with increasing temperature. 

(h) Application of Thermodynamic Functions lor Determining 
Phase Equilibrium. Any of the thermodynamic equilibrium 
conditions given in the last chapter can be used as a criterion for the 
equilibrium between two phases of the same substances. Parti- 
cularly simple relations are obtained by using the thermodynamic 
potential 0. 

In terms of this function the equilibrium condition is I. (35), 

— 0 , 

where dO is the change in the thermodynamic potential of the two- 
phase system caused by the transfer of substance from phase (1) 
to phase (2). The equilibrium condition can thus be written 

where 0^ and 0^ are the potentials of the two phases per unit 
quantity of substance. 

If the temperature and pressure are altered, we have from I. (33) 

dfi'j = — + njdp, 

(IG., =- — Sj(/r + v.>(lp: 

where S and v also refer to unit quantity of substance. If equili- 
brium is to be maintained during this change of state, we must have 


cfG, = dGj. 


and hence (■''i — Sj,]<lT — (Pj — (66) 

or T {S, -Sz)=T ioi - I’t) (57) 

where dp is the increase in equilibrium pressure which corresponds 
to the temperature increase dT. (56) exemplifies the simple relation 
which exists between the extensive and intensive factors of the 
forms of energy which play a part in displacement of equilibria. 
Equation I. (14) gives 

T(S^ - S,) = q, (68) 

-I* ^ 

showing that (67) includes the Clausius-Clapeyron equation for the 
vapour pressure curve and the analogous formula for the effect of 
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presaore on the melting point. (68) also shows the general relation 
.between the entropy transferred and the heat absorbed for dis- 
placements of equilibrium. 

The same results may be obtained by applying I. (66) to a one- 
component 85 «tem, since in such systems /u is identical with the 
value of 0 per unit quantity of substance (c/. I. (49) ). 

(i) The Phase Diagram. If the equilibrium curves for all the 



changes of state which a substance can undergo are plotted on a 
p-T diagram, we obtain the 'phase, diagram of the substance. A 
tjrical diagram of this kind is shown in Fig. 6. 

AO and OB are the vapour pressure curves of the solid and 
liquid forms of the substance respectively, and the point of inter- 
section must therefore represent the melting point under the 
pressure of the saturated vapour. At the point 0 the solid, liquid 
and vapour are in equilibrium with each other, and the point must 
therefore also lie on the curve giving the variation of the melting 
point with pressure, represented by OC in the figure. Points on 
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the three equilibrium curves AO, BO and CO thus correspond to 
states in which the substance can exist in two phases, namely 
solid-vapour, liquid-vapour and solid-liquid respectively. These 
three curves all meet in the point O, at which all three states can 
co-exist, and which is hence known as the triple point. Since the 
co-ordinates of this point are completely fixed, its position can be 
regarded as a natural constant characteristic of the substance. 

Points which do not lie on the curves represent a single state of 
aggregation. In the area between AO and OB only vapour can 
exist in a stable state : similarly between AO and CO we have 
solid and between BO and CO Uquid. As already noted, the curve 



OC will in most cases slope to the right, since the melting point 
usually increases with increasing pressure. The diagram in Fig. 6 
thus corresponds to a substance which is an exception to this rule, 
e.g,, water. The position of the triple point relative to the normal 
melting point at a pressure of one atmosphere depends on the pres- 
sure at the triple point and the direction of OC. It will be really 
seen that for water the triple point is at a higher temperature than 
the melting point of ice under a pressure of one atmosphere. 

If the solid substance can exist in various modifications the phase 
diagram will of course be more comphcated, since there will be a 
triple point corresponding to each melting point or transition 
temperature. Fig. 7 represents a case in which the solid can exist 
in^two forms, e.g., sulphur. 

AD, DE and EB are respectively the vapour pressure curves of 
rhombic, monoclinic and liquid sulphur. The points of intersection. 
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D and 'E are respectively the transition point between the two 
allotropie modifications (95°) and the melting point of monoolinio 
sulphur (120°). These two points form the starting points of two 
new equilibrium curves, representing the effect of pressure upon 
the transition point and the melting point of monoclinic sulphur. 
The points D and E are thus triple points. A third triple point 
occins at the intersection of the two last equilibrium curves at F, 
from which point another equilibrium curve FC proceeds. Finally, 
if the three curves AD, EB and CF are prolonged outside their 
stable region they will meet at O, the melting point of rhombic 
sulphur. This point is really unstable, but can be realised if 
rhombic sulphur is rapidly heated, when the curve AO can be 
extended past the point D without transformation to monoclinic 
sulphur taking place. 

If the three equilibrium oui-ves in Fig. 6 are prolonged through the 
triple point into the regions of instability, it will be seen that at an 
arbitrarily chosen temperature there are three possible equilibria, 
crystal- vapour (KD), liquid-vapour (VD) and crystal-liquid (KV), of 
which either one or two are xmstable. If the diagram is used as a 
basis for predicting stability, it will be seen to confirm the rule previously 
stated, that the condensed phase having the greater vapour pressure 
will be unstable. It will also be seen that no more general law can be 
stated about the instability of phase equilibria at high pressures, but 
that the following rule is of general validity. 

If we consider two equilibria involving a common phase (this com- 
prises the pairs KV-KD, VK-VD and KD-VD), then the equilibrium 
with the lower pressure will be stable if the common phase has the 
greatest apecific volume, while the equilibrium with the higher pressure 
will be stable if the common phase hera the lowest specific volume. If 
the common phase has a specific volume intermediate between the 
specific volumes of the other two phases, then either both equihbria 
will be stable, or both will be unstable. 



CHAPTER III 

MOLECULAR THEORY 

1. The Basis and Aims of Molecolab Kinetic Theory 

In addition to thermodynamics, the laws and methods of which 
have been developed and applied in the previous chapters, we have 
in the molecular kinetic conception of matter an instrument of 
the greatest importance for interpreting physical and chemical 
phenomena. While thermodynamics is essentially based on experi- 
mental evidence as to the non-existence of perpetual motion of the 
first and second kinds, molecular theory is characterised by certain 
hypothetieal assumptions from which it is possible to deduee laws 
susceptible to experimental test. The aim of molecular kinetic 
theory is to account for the thermodynamic and energetic behaviour 
of matter in terms of the chemical conception of matter as consisting 
of molecules and atoms, using the mechanical laws derived from a 
study of the equilibrium and motion of larger bodies. Its scope is 
however wider than that of thermodynamics, since kinetic theory 
can abo be used to interpret phenomena involving the time, e.gr., 
difiusion and rate of chemical reaction. It should be added that a 
detailed study of various phenomena has extended molecular theory 
beyond its original classical mechanical basis, and has led to new 
and important dbcoveries in the general laws governing the inter- 
action of matter and energy. 

(a) The Avogadro Nomber. Atomic and Molecular Dimenaione. 

Our most general knowleilge of the masses of atoms and molecules 
is expressed by the value assigned to the Avogadro number {abo 
known as the Loschmidt number). This is defined as the number 
of actual molecules present in 1 gram -molecule ; this number must 
be independent of the chemical nature of the substance considered, 
and is thus of universal application. 

The Avogadro number, N^, has beeri determined by numerous 
methods, some of which will be dealt with later. Probably the most 
accurate value has been obtained by measuring the effect of an 
electric charge on the rate of fall of small drops of oil, suspended in 
aiTisiri an electric field (Millikan). In these experiments it was 
found that there was a minimum charge effect, together with other 
effects which were multiples of the minimum effect. This behaviour 

SI 
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can only be accounted for by aasuming that the drop carries an 
elementary fmntmn of electricity, or a discrete number of such 
quanta. The size of this elementary charge e could be determined 
from its effect on the rate of fall in a field of known strength, giving 
the value c = 4-774 X 10“’'“ electrostatic units. Since further the 
amount of electricity F held by 1 gram-molecule of a substance is 
known [IX. 1 b], we can now calculate the number of elementary 
charges in the charge carried by 1 gram-equivalent. This gives as 
the most probable value 

Yo = ^ = 6-06 X 10»“. (1) 

The Avogadro number can be used to obtain an approximate 
value for molecular dimensions, e.g., by assuming spherical mole- 
cules which are cubically packed in the condensed state. If r is 
the molecular radius and v the volume of 1 gram-molecule, we have 
clearly 

u--^No-{2r)\ ( 2 ) 


or 

’/ — 

r ~ 0.6 yv, 

if t; is expressed in c.c. and r in Angstrbm units (lA = 10~* cm.). 
Thus if V = 100, we have 

r~ 3A. 

Molecular dimensions calculated in this way are however somewhat 
too large, partly because it is incorrect to assume cubical packing 
in the condensed state. 

Numerous other methods for determining r agree in giving 
values of about 1 — 3A for the dimensions of atoms and simple 
molecules. By means of X-ray investigations the element of 
volume (2r)® can be determined very accurately in the case of 
crystals, leading to a value of = 6-04 X 10“® for the Avogadro 
number. 

(b) The Eqnipartition of Energy. An important aspect of mole- 
cular theory is the assumption that the molecules are in continual 
thermal motion, characteristic of the substance and the state. 
According to the classical view, the usual mechanical laws valid 
fcH- large particles also apply to the thermal motion of molecules, 
it*' being assumed in particular that the laws of conservation of 
energy and momentum can be used. Their application to molecular 
motion leads to the important law of equipartition of energy. 
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According to this law, if we have an arbitrary system of particles 
in motion, then when equilibrium has been reached the mean value 
of the kinetic energy of a particle for each independent type of motion 
will be a constant, independent of the nature, shape or mass of the 
particles. 

The number of independent types of motion, or degrees of freedom, 
is thus the factor which determines the kinetic energy of a particle. 
This number may be defined as the number of components which 
are necessary and sufficient to describe the motion. For a dimen- 
sionless particle able to move in a straight line in space, the number 
of degrees of freedom is 3. If the particle is constrained to move 
in a plane, or along a fixed straight line, then the number of degrees 
of freedom will be 2 and 1 respectively, and the mean energy will 
be respectively 2/3 and 1/3 of the mean value for a particle free to 
move in space. 

If the particle has finite dimensions in space, it will also be able 
to acquire rotational energy. Since rotational motion can be 
described in terms of three axes of rotation, the particle will acquire 
three additional degrees of freedom. In the case of a linear or one- 
dimensional particle, the number of rotational degrees of freedom 
will obviously be only two. 

If the particles are not rigid, as assumed above, they will possess 
further degrees of freedom in virtue of the elastic vibration of their 
component parts. Such particles can acquire vibrational energy, in 
addition to the forms of energy described above, and will therefore 
have a higher energy content than particles of simpler structure. 

It should be specially noted that the law of equipartition of energy 
deals with the mean energy, either for one molecule averaged over 
» sufficient period of time, or for a single instant of time averaged 
over a sufficiently large number of like molecules. The deviations 
of the velocity and energy content of molecules from the mean 
values are expressed by the Maxwell distribution law, dealt with 
below. We shall also see in the next section how the absolute value 
of the mean energy per degree of freedom can be calculated. 


2. The Kinetic Theoby of the Fluid State 

(a) Gas Freuure and the Kinetic Energy o! Molecules. According 
to the kinetic theory of gases (Clausius, Maxwell, Boltzmann) the 
pressure exerted by a gas on the walls of its containing vessel is 
attriibuted to the impact of the gas molecules. The magnitude of 
the pressure can be calculated by applying the ordinary laws of 
dynamics to the motion of the molecules. 
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If tile mess of the moleoole is m and its velocity w, we can write 
for its translational kinetic energy 

E — (3) 

and for its momentum (or impulse) 

» = mw. (4) 

If the molecule undergoes an elastic collision with the wall at 
right angles, it will undergo a change of momentum 2mw, since 
after collision its velocity wall be the same numerically, but opposite 
in sign. If the gas contains n molecules per c.c., and we imagine 
that 1/6 of this number are moving at right angles to each of the six 
sides of a unit cube, then the momentum received by 1 sq. cm. per 
second will be 

n 

- w . 2mu<. 

6 

Since the pressure is equal to the rate of change of momentum per 
unit area, we have 

p — ^nmw^. (5) 

Introducing for the weight of 1 c.c., 

M 

nm = — 

V 

where M is the molecular weight and t> the molecular volume in 
c.c., this becomes 

pv = (6) 

If we assume (as the basis of the theory demands) that the 
velocity of the molecules is independent of the volume, then the 
right-hand side of (6) is a constant, and the equation expresses 
Boyle’s law. 

According to the law of equipartition of energy, at thermal 
equilibrium the quantity E in equation (3) is independent of the 
nature of the molecules. We therefore have for different kinds of 
molecules 1, 2 ... at constant temperature. 

= ... , (7) 

showdng that at constant temperature and pressure, v, the molar 
volume of the gas, is also independent of the nature of the molecules. 
This expresses Avogadro’s law. 

The effect of temperature on the pressure and molecular kinetic 
energy of a gas cannot be deduced directly from the kinetic picture, 
but must be determined by introducing the definition given by the 
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gas thermometer scale. In other words, we must introduce the 
equation of state II. (2) 

pv = RT. 

Combining this with (6) gives 

\Mw'^ = RT, (8) 

showing that the square of the molecular velocity is proportional 
to the temperature. Introducing (.‘1) in the form 


E ^ (9) 

we obtain the following simple expression for ilje translational 
energy of 1 gram-moleoTde of a gas 

E = iRT. (10) 

The translational energy of a single molecule is analogously given by 
E = UT, (11) 


and the energy per degree of freedom (since the translational energy 
has three degrees of freedom) by 

E = \kT, (12) 


where 


( 13 ) 

N,’ 

is the gas constant }ier nioleeule, also known as the Boltzmann 
constant. Since the gas constant R in absolute units has the value 
8-32 X 10’ ergs per degree, the value of the Boltzmann constant in 
the same units is 

it = 1-373 y 10-i« M4) 


This value can be used to calculate from the above formulae numerical 
values for the velocity and energy of molecules as functions of the 
temperature. Th<- energy per degree of freedom of a single molecule 
is thus given by 

£^1 = 0-687 X lO-’T ergs (15) 

At ordinary temperatures the velocities of molecules of normal size 
are found to lie between 100 and 1,000 metres per second. 

It was assumed in the deduction of the abov^e formulae that at a 
given temperature all like molecules have the same velocity and 
translational energy. This condition is not actually fulfilled in 
practice, but a more exact treatment, taking into account the 
actual distribution of velocities and energies, leads to formulae 
ide.ptical with those derived above. In this case, however, the term 
U)^ is not to be interpreted as the square of a constant velocity w, 
but as the arithmetic mean of the squares of all the velocities actually 
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" piesent. In the same way, E denotes the arithmetic me4n oi the 
tianslational energies of all the molecules. 

(b) The Distribution ol Velocities and Energies. Maxwell’s Law. 

In dealing with many of the properties of the fluid state, the law 
governing the distribution of different velocities in a system of 
nudecules is of little importance. However, there are certain 
problems, dealing both with kinetics and with equilibrium states, 
in which the fact that the velocities of the single molecules vary 
within wide hmita is of decisive importance. The actual distribution 
of velocities can be calculated by a statistical treatment, and the 
result is expressed in Maxwell’s distnhvlion laiv. We shall describe 
here some of the fundamental principles of the theory and some of 
the results and formulae which can be derived from it. 

Let the components of the velocity of a molecule along the x-, y- 
and z-axes of a rectangular co-ordinate system be ic,., and uij 
respectively, and lot the resultant velocities parallel to the z-axis, 
parallel to the x-y-plane, and in the x-xj-z apace be respectively 
tWj, MJjj, and Wxy^. We then have the three equations 


ivl — w\ 1 

Wiy = -f Wl 

wiy, = U>1 -f + w: f 

The probability that a molecule will have a velocity component 
parallel to the x-axis lying between w* and «>„ + can be expressed 
as flwx)dwx, since the probability must depend in some way on the 
velocity which the molecule is required to possess, and roust also 
be proportional to the size of the interval dwj. The same argument 
applies to the other two axes. Since the probabilities P must be 
independent of the direction in space, we can write 


Px = f{wx)dw^, Py = f{Wy)dWy, P, = f{w,)dw„ (17) 


where f{ujy) and f{w^) are functions of the same form. On 
account of the very large number of molecules present in a macro- 
scopic amount of substance, P can be assumed to be proportional 
to the actual number of molecules which at any instant have 
velocities in the prescribed interval. Then if Ny is the total number 
of molecules, we have 


Px = 


dN^ 


P 

Ny’ 


P 


(18) 


The distributions of velocity along the three axes must be mutually 
independent. Hence if P^ is the probability that a molecule has a 
velocity component in the interval la, to w,. + dw^, P^ the pro- 
bability of simultaneous velocity components in the intervids ta. 
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to Wx + dwx and Wy to Wy + dwy, and finally Pxy„ the probability 
of simultaneous velocity components in the thrw intervals Wx to 
Wx + dwx, Wy to Wy + dWy aod to + dw^, then we have 


Pi = — = A"’r) dw„ 

^'0 

Px,j = - I.'"- = A“’i) A«'«) dw^ dWy, 

‘'0 

Pj-yz -= A<"x) A“v) A'":) diVj dWg dw.,. 


(19) 


The function f{w,) (and the analogous functions /(la,,) and f(w,) ) 
can be derived from the expression for in equation (19) in the 

following manner. Taking a rectangular co-orduiate system in two 
dimensions, a molecule in the gas con.sidered can bo represented by 



plotting its velocity components along the two axes ; thus in Fig. 1 
the point P represents a molecule having components of velocity 
and ia,. The motion of this molecule in the xy plane is then repre- 
sented by the lino OP, the direction of which gives the direction of 
motion, and the length of which gives the velocity in this plane. By 
equation (16), the velocity is related to the component velocities by 
the expression 

= «>“ + w\. (20) 

If every one of the Ng molecules in the mass of gas considered is 
represented on the diagram in the same way, then the number of 
molecules dN,„, having velocity components simultaneously between 
Wx and Wx -f dWx and between w, and -f dui,, will be represented by 
points inside the shaded rectangle with sides dWx and dWy. This number 
of points is given by (19) eis 

dNxy = NJiWx)J(w,)dWxdWy, (21) 

and It can also be defined as the number of molecules having velocities 
along the a- and y-axes not less than Wx and Wy respectively, and whose 
velocities are also limited in the way indicated by the elwient of 
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area dw^w^. Since the density of points is constant in the near neigh- 
bourhood of a given point, the number will only depend upon the 
size of the element of area dvj^w,, and not on the separate linear 
intervals die, and dWy. 

The number of molecules whose velocity components are not 
less than w, and to, and whose velocity is limited by the element of area 
dwjlwy can also be defined as the number of molecules having a velocity 
not less than to,, in the direction OP, and whose velocity is limited as 
before by the element of area. Since the velocity distribution is inde- 
pendent of the direction in the a^-plane, the density of points inside an 
element of area will depend only on the distance of the element from the 
origin O. If therefore we consider a second point P' the same distance 
from 0 as P, then the number of points in the element dWjdWy will be 
the same when it is situated around P' as when it is situated around P. 
Hence as long as the condition of constant distance from the origin is 
fulfilled, i.e., as long as 

-f icj = constant, (22) 

a given element of area dw/lwy will contain a constant number of 
molecules so that (21) gives 

/(Wi)/(tw,) = constant. (23) 

The simultaneous validity of (22) and (23) leads directly to the 
function required. Differentiation of the two equations gives 

WjdWt = 0 (24) 

and 

dlnf{ivj -|- dlnf{Wy) = 0. (25) 

Since the motions along the x-axis and along the y-axis ore independent 
of each other, these two equations can only be simultaneously valid for 
different values of and w, provided that the ratio of the terms 
involving is a constant independent of u),, and the ratio of the 
terms involving ir, is a constant independent of Wx. We can thus write 

dlnfiiv^) — ^iD^du’x, (26) 

2 . 

where — ^ is an arbitrary constant proportionality factor. Integration 
of (26) gives 

= (27) 

«- 

where InA is an arbitrary integration constant. Writing this in another 
form, the required function is given by 


o’* ’ (28) 

In order to determine the value of the constant A, the expression for 
dNx in (19) is integrated between the limits of velocity + QO and — oo. 
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Tising (28). The left-hand side of the equation becomes unity, and 
hence 


-t OO 



“* </(«_„= 1. 


— OO 

On carrying out the integration we find 


so that (28) can be written 





. 

a’^Tt 


(29) 


By introducing (29) and analogous equation.? for f(wy) and f(w^) 
into (19), we obtain the equations 


dj^ 

No 


= ---pe “’‘rfwx, 

it]f^ 


dNry 

No 


1 . - 


a-'.T 


dw-s,dw^ 


(30) 


(31) 


dS^y. 1 - -~ 

— — = ; e “ dW:rdtVydiv.. (32) 

,\o 


These equations give the numbers of molecules satisfying the condi- 
tions specified when formulating (19). 

It is possible to introduce into equations (31 ) and (32) the velocities 
in two and three dimensions respectively, irrespective of direction. 
This is done by integrating (31) and (32) over all directions in a 
plane and in space respectively. The resulting expressions (including 
(30) re-written in an analogous form) are as follows : 


! 

1 

No ' 

ft 

■ m: 

dN„_ 

2 ' 

No " 

a* 

dN^_ 

4 

No 

a^^TC 






2> 


wldwo. 


(33) 

(34) 

(35) 
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'vhsK Wj, Wy and w, are the velocities in one, two and three dimen- 
sicms respectively, as given by equation (16). 

The condition that 

dN^ 

should be a maximum is the same as the condition for a maximum 
for 

and on investigating the expression in the usual way we find the 
condition to be tu, = a. The constant a introduced in deriving (26) 
is thus the velocity in space for which there is the greatest number 
of molecules within a given velocity interval, i.e., it is the most 
probable velocity for the motion of the molecules in space. 

If (34) is integrated, using the general relation 


we find 


where N is the number of 
having a two-dimensional 
value of is given by 

K 

and on introducing the value of NjN^ given by (36), we obtain 

a* 1 e “■* = a®, 

0 

i.e., the square of the most probable velocity in space is equal to 
the mean of the squares of the velocities for motion in two dimen- 
sions. Further, if use is made of the fact that the mean energy is 
proportional to the number of degrees of freedom, we can write 

«* = inj = livl = 2wl . (37) 

Combination of this equation with equation (8) gives 

Jma* = IcT. 



^ e^dx = tf. 


N 

K 


(36) 


molecules out of the total number N,, 
velocity greater than The mean 




( 38 ) 
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Equations (33) to (35) derived above express Maxwell’s distribu* 
tion law. The meaning of this law is illustrated in the two diagrams 
Fig. 2 and Fig. 3, where the “distribution density” dNjN^w is 



plotted as a function of u> for motion in one and three dimensions 
respectively. Fig. 2 shows that the most probable velocity along 
a given axis is zero, w'hilo (as stated above) the most probable 
velocity in space is a. It will -be seen that the number of molecules 
having velocities in excess of a given value is measured by that 



portion of the area between the curve and the u)-axis which lies to 
tjjie right of the given ordinate. 

The distribution law can be expressed in terms of the translationid 
energy of molecules in place of their velocities. This is done by 
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introducing (3) and (38) in equations (33) to (36). The simplest 
and most important of the expressions thus obtained is the one 
which expresses the distribution law in two dimensions, i.e., 


No 


K. 


(39) 


If we wish to find the number of molecules in a gas containing Ng 
molecules which possess an energy (in two dimensions) of or 
more, this number is easily obtained by integrating equation (39) 
between the limits Ejc and ao. We then obtain (just as in the 
derivation of (36) ) the following simple expression, 

N = NgC (40) 


This equation is of great importance in reaction kinetics. 

(c) Boltzmann’s Distribution Law. Consider a vessel divided into 
two parts, A and B, by two parallel planes close together, and let a 
constant field of force operate between the j)lane.s, tcmding to move 
all molecules between the planes in the direction .4 — ^ B. 

On account of the presence of this field of force, each molecule in 
A can be said from the point of view of molecidar theory to posse.ss 
a potential energy [I, (2e)J the potential energy it) B being taken 
as zero. Molecules iiassiiig through the field of foree in the direction 
A —> B will therefore receive an amount of kinetic energy ifi, while 
molecules passing in the opposite direction will lose the same amount 
of energy. For this reason there cannot be equilibrium when the 
molecules are evenly distributed through the vessel, but there 
must be a concentration of molecules in the space B. Let us assume 
that when equilibrium has lieen set up the numbers of molecules 
per c.c, in A and B are respectively ATj and Nji, where Ng > N^. 

According to equation (33), the number of molecules with velocities 
between m ’,4 and w_i + du'i which leaved ]>er square centimetre of 
the interface is given by 

1 ^ 

dN^ = NA — WAfiii’A, (41) 

a yn 

since this is the number which strikes the interface and pauses into 
the space B. In order to maintain equilibrium in ^ , we must assume 
that an equal number of molecules in this velocity interval are 
supplied from B per second. These last molecules must however 
possess a higher velocity wg in order to be able to overcome the 
field of force and then continue with velocity Wj . The number of 
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molecules in B which pass into A and replace the number (41) 
passing from Ato B can be written in the form 


1 

dNfi == Nb — — - e a“ wndiVB 
a yjt 


(42) 


(43) 


Since equilibrium is maintained, we thus have 

_ 1^5 

N^e <^'^dw^=NBe a‘dwi,. 

Our assumptions about the field of force enable n-s to write 

imw% = -|- ip, (44) 

where ip is the constant field energy, ip can also be written in the 
form 

if> = \mwl , (45) 

where the new constant is the critical minimum velocity which 
the molecules in B must possess in order to be able to pass through 
the field of force. Equation (44) can then be writtei> 

w\ wh - ii>l . (46) 

from which we obtain 

dwx = div%. (4-7) 

Introducing (46) and (47) into (43), we have 


Nfl 

Ka' 


U,g -W^ 


or, using (38) and (45), 


-V« 


fkr 


(48) 


(49) 


The last equation can also be written 


(50) 


or, if Ip is the potential energy for a whole gram-molecule, 

^ = BTln^. (51) 

These equations, which express Boltzmann’s distribution law, 
are only strictly valid for a dilute gas, since no account has been 
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takUl of dolecular collisions on the volume occupied by the mote- 
ottlee themsehres, both of which play a part in more concentrated 
systems. 

In deriving the above formulse, we have imagined an interface 
which brings about a difference of potential energy. It must be 
noted that the change in potential energy corresponding to the 
passage of molecules across this interface must always be identical 
with the change of potential energy associated with any other method 
of transferring the molecules from AtoB, since if this were not the 
case it would be possible to produce a perpetual motion machine of 
the second kind. 

The field of force acting can for example be a gravitational field. 
Equation (50) can then be used to calculate the density of a mass 
of gas at different heights above the earth’s surface, ij) representing 
the difference in total potential energy corresponding to the difference 
in height. This leads directly to the well-known “ hypsometric 
equation,” 


— = = (52) 


where K is the force of gravity acting on a molecule, Cj the concentra- 
tion at the earth’s surface, Cj the concentration at height I, M the 
molecular weight, and and the two corresponding values for 
the gravitational potential. If we have, for example, a mass of 
gas in a closed cylinder with a vertical axis, it can be considered as 
being in a stationary state of diffusion in which the effect of kinetic 
tendency of the molecules to expand equally in all directions has 
been modified, partly by the force of gravity (which if acting alone 
would bring about complete sedimentation of all the molecules) 
and partly by the fixed limits which the walls of the vessel impose 
on the tendency to expand. This state of stationary equilibrium 
can be described formally as a state in which the effect of the thermal 
motion of the molecules is replaced by a force acting upon the mole- 
cules in the direction of diminishing concentration. The magnitude 
of this force is determined by the concentration gradient from 
equation (52), or, for a varying field, by the corresponding differen- 
tial equation 





(63) 


The importance of this conception lies in the use of the “ force of 
diffusion ” thus defined in treating states not in equilibrium, 
examples of which will be given later [IX. (2n).]. 

(d) The Speoiflo Heat ol Gesei. The Quantum ot Energy. If we 
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combine equation (10), expressing the translational energy ot 
1 gram-moleoule of a gas, with the general equation I. (59) for 
specific heat, 

= Cv, 

V 

we obtain for the specific heat of a gas which obeys (10), 

c^=-^R = 2-98. (54) 

We have further from II. (19) 

Cp Ctf — R, 

and hence 



and 

Cp = 4 . 965 . ( 56 ) 

Experimental determinations of Cp, c, and the ratio c^/c^ (which 
can be determined by some methods without determining the single 
specific heats) have shown that there is complete agreement with 
the above numerical values for certain gases such as helium, argon 
and mercmry vapour. Equation (10), which was used in making 
the above calculations, only expresses the translational energy of 
the molecules, and it may therefore be concluded from the agreement 
between calculation and experiment that the energy of the gases 
mentioned above is exclusively translational. This agrees to a 
certain extent with the evidence from other sources that the mole- 
cules of these gases are monatomic, since it seems plausible to 
assume that a monatomic molecule cannot possess rotational or 
vibrational energy. 

It might however be expected that the last two forms of energy 
would occur in diatomic molecules, and in support of this it is found 
that gases with diatomic molecules have higher specific heats. 
If such molecules are considered as one-dimensional, the rotational 
energy will have two degrees of freedom. Adding to these the three 
translational degrees of freedom and neglecting the possible occur- 
rence of vibrational energy, this type of molecule possesses in all 
five degrees of freedom, so that 
> 



= |-R = 4.96, 


(57) 
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= ^ = 1.40, 

(58) 


Cu 5 


6.95. 

(59) 


These equations are obeyed fairly well for a number of gases, e.g., 
oxygen, nitrogen and carbon monoxide, while for other gases there 
are deviations, usually in a positive direction. Such deviations 
might be attributed to the fact that in deriving equations (57) to (59) 
no account was taken of the possible presence of vibrational energy : 
however, this explanation is not valid for differences of specific 
heat of less than \R, since the energy per degree of freedom is \RT. 
Tt is also important to note that although the specific heat is on 
the whole fairly constant over a considerable range of temperature, 
in many cases (particularly at low temperature.^) a temperature 
dependence is observed which is not in agreement with the classical 
theory of specific heats which we have developed here. There is in 
fact no room for temperature dependence in this theory, since the 
equations contain no variable to which a variation of specific heat 
with temperature could be attributed. The classical theory has 
proved powerless to deal with this discrepancy, which was only 
explained by the development of new conceptions of the energetic 
behaviour of molecules, as expressed by the theory of energy 
quanta. 

This theory was first proposed by M. Planck, and has played a 
decisive part in interpreting the relations between energy and 
matter. It supposes that in many cases the transference of energy 
is not continuous (as demanded by the classical theory), but quan- 
tised. This means that in the absorption of energy by a given 
species of molecule, the energy is taken up in the form of energy 
quanta, the size of the quantum being determined by the nature 
of the molecules under consideration. Thus if the quantum of 
energy is e, the form of energy in question can only be taken up in 
quantities equal to e or an integral multiple of e. 

The restrictions of the quantum theory apply primarily to the 
rotational and vibrational energy of molecules. That part of the 
energy of a gas which is due to the translational motion of the 
molecules is not afiected by the theory, and it is for this reason 
that the specific heat of a monatomic gas (which possesses only 
translational energy) can be calculated by the classical methods. 
If, on the other hand, the energy can only be taken up in quanta, 
as for example in the case of rotational energy, the position is 
quite different. If the temperature is so low that the mean value 
of the molecular energy per degree of freedom, calculated from the 
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classical expression, is small compared with the quantum of energy, 
then rotational energy will not be acquired at all, and the molecules 
will not execute any rotational motion. As the temperature is 
increased and the classical mean value approaches the magnitude of 
the energy quantum, an increasing number of molecules will 
acquire a rotational quantum and the specific heat of the gas will 
thus rise. When the temperature has become so high that all the 
molecules are in possession of a large number of quanta, then the 
behaviour will again approach that of a classical system. 

These considerations show that in applying the quantum theory 
to calculate specific heats, the decisive factor is the ratio between 
the temperature and the magnitude of the energy quantum. If 
the energy quantum is small, the transfer of energy will be nearly 
continuous, and deviations from the classical expressions will only 
appear at very low temperatures. If on the other hand the quanta 
are large, the departures from classical behaviour will be apparent 
at relatively high temperatures. As an examj)le we may take 
hydrogen, which at ordinary tenqx'ratures has a specific heat of ' 
c„ = 4-96 (in agreement with the diatomic gases mentioned above), 
but which on lowering the temperature gives values approaching 
2*98, the latter value being reached at 60° K. Further decrease of 
temperature causes no further change in the specific heat. This 
is a clear example of a diatomic molecule which at high temperatures 
has developed the five degrees of freedom corresponding to free 
translation and rotation, but which on cooling loses all its rotational 
energy, and from an energetic point of view becomes identical with 
a monatomic gas. 

It should however be mentioned that a quantitative interpreta- 
tion of the specific heat curve of hydrogen is only possible when 
allowance is made for the fact (predicted by the new quantum 
mechanics) that the hydrogen molecule can exist in two forms, 
ortho- and para-hydrogen, present in ordinary hydrogen in the 
ratio 3:1. 

Similarly, chlorine is an example of a gas with a specific heat 
which exceeds the value even at ordinary temperatures, and 
which increases with increasing temperature : this is due to the 
quantised development of new degrees of freedom corresponding 
to vibration of the atoms within the molecule. 

The determination of the size of the energy quantum, and a more 
quantitative calculation of the distribution of quantised energy 
will be dealt with under the kinetic theory of the crystalline state. 

(^) The Molecalai Theory of the Liquid State.. The forces of inter- 
molecular attraction are only effective over very small distances which 
are not much greater than the dimensions of the molecules themselves. 
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Xt is 'therefore possible to treat gases in a dilute state without taking 
riieso forces into account, since the time during which the molecules 
are close together is small compared with the time during which they 
are far apart. In the liquid state, on the other hand, the distances 
between the molecules are always so small that the forces between the 
'molecules become of decisive importance, in fact the stability of the 
liquid state is due to the existence of these forces. 

The property which has been previously mentioned under the name 
of cohesion., and which was assumed to be responsible for the surface 
tension of liquids [II. 2], is a directly observable consequence of the 
intermolecular forces. The surface tension of a liquid is a force acting 
parallel to the tangent plane of the surface, in spite of the fact that the 
resultant of the cohesive forces acts at right angles to this plane ; this 
is usually explained in the following way. If the extent of the surface 
is increased (which can be brought about by a change in the shape of 
the mass of liquid), the number of molecules in the surface will be 
increased, i.e., molecules must pass from the interior of the liquid to 
the surface. Since this takes place in opposition to the molecular 
forces (which, as we have seen, act in the opposite direction), work is 
necessary in order to increase the surface, and there must hence be a 
tension in the surface which opposes an increase of surface. The 
thermodjmamio properties of this surface tension have already been 
dealt with. 

The forces acting on a molecule in the interior of a liquid are not 
orientated, and their resultant will therefore be sero. However, on 
account of the attraction exerted on the molecules at the surface, the 
interior of the liquid will be subjected to a pressure, the cohtswn pressure, 
which has a very considerable value for most liquids, and which in 
general will increase with the closeness of the molecules. The pressure 
in the interior of a liquid caused by the molecular forces will not however 
increase without limit as the liquid is compressed, since besides the 
attractive forces between the molecules there also exist repulsive forces 
which take effect when the molecules approach one another very 
closely, and increase inversely proportional to a very high power of the 
intermolecular distance. The combined effect of those two kinds of 
forces determines the so-called ivXemal pressure. 

This pressure can also be defined thermodynamically by the equation 
of state, I. (78), since it can be identified with the quantity (SB/Sw)r, 
which obviously has the dimensions of pressure. For perfect gases 


Table I. Internal Pressure of Ethyl Ether 


p (atm.) 

TI (atm.) 

(1 

2660 

600 

2860 

1000 

2790 

1600 

2670 

2000 

2630 

2600 

2320 
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this quantity is zero, corresponding to the fact that in this ease the 
molecular forces are negligible. 

Table I shows the internal pressure II in ethyl ether as a function of 
the external pressure p. It will be seen that II passes through a maxi- 
mum in the neighbourhood of p = 500 atmospheres. 

The effects produced by intermolocular forces in liquid will also be 
present to a certain extent in gases outside the range of ideal behaviour. 
If the pressure is not too great and the temperature not too high, the 
attractive forces will in general be the prerlominant factor. This means 
that the value of the product pv at constant temperature (which is a 
constant for perfect gases) will fall to a minimum with increasing 
pressure and then rise again. 

Van der Waals has proposed an equation designed to describe 
the state of fluid substances taking into account both the forces 
acting between the molecules and the volume occupied by the 
molecules. In the first place, when the volume is decreased, the 
pressure will not increase so rapidly as predicted by Boyle’s law, 
on account of the internal pressure produced by the attractive 
intermolecular forces. ' This internal pressure will increase rapidly 
with decreasing intermolecular distance, and according to van der 
Waals’ theory can be put equal to 

a 

In the second jilacc, the theory takes into aecounf the fact that the 
free space ” which is of importance in the equation of state is not 
equal to the measured volume of the gas, hut is less than this on 
account of the volume of the molecules themselves. If the volume 
correction is put equal to 6, we obtain the well-known van der Wools' 
equation, 

(p + (e - 6) = ET. (60) 

By differentiating (60) at constant volume we obtain 



which in combination with (60) and I. (78) gives 



Thus, if equation (60) is obeyed, the quantity ^ can be identified 
witliithe “ internal pressure.” 

(I) The Traniition from Liaaid to Vapour. It has already been 
pointed out [II. (4c)] that the transition from liquid to vapour can 
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take place continuously. The van der Waals’ equation, or any other 
equation of state which is based on similar thecaetical treatment, 
leads to the same conclusion. The relation between pressure and 
volume at constant temperature expressed by equation (60) is shown 
graphically by the continuous curve in Fig. 4. However, this curve 
does not represent a stable state over its whole length, and in 
particular the portion CDE is characterised by an absolute in- 



stability, since here an increase in the volume of the substance is 
accompanied by an increase of pressure, and vice versa. 

As the state of the system perases from A (which may be taken to 
represent the perfect gas state) through B to C, the forces of attraction 
will increase with decreasing volume and become more and more 
important. When the point C is reached the state of the system is 
such that any increase of internal pressure produced by a further 
decrease of volume is just equal to the simultaneou.s increase of the 
thermal molecular pressure. Along CJU the first of the.se pressures is 
greater than the second, but the state can only exi.st if all the molecule.s 
(which now have a great tendency to approach one another) maintain 
exactly the .same distance from all neighbouring molecules, being held 
in this position of balance by exactly equal forces of attraction on all 
sides. Such a state is impossible to maintain on account of the thermal 
motion of the molecules, and in this region a transition takes place to 
the stable phase equilibrium liquid-vapour. The stable isotherm 
ABFG is characterised by the horizontal portion BF. 

From a kinetic point of view, this phase equilibrium cannot be 
characterised as an immobile state in which nothing takes place, 
but as a state in which the number of molecules passing from the 
liquid to the vapour in unit time is equal to the number of molecules 
passing in the reverse direction. Since the surface of the liquid 
can be considered as a field of force in which the molecules experience 
a one-sided attraction towards the bulk of the liquid, it is natural 
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to assume that all molecules in the vapour phase which strike the 
surface will pass through it and become “ condensed,” independent 
of the velocity with which the collision takes place. On the other 
hand, if molecules in the liquid attempt to force their way out into 
the vapour, the retarding effect of the surface field of force will 
prevent a large proportion of them from “ evaporating,” since it 
will retain those molecules whose transitional kinetic energy in a 
direction at right angles to the surface does not exceed 0, the 
potential energy characteristic of the field of force. This potential 
energy corresponds exactly to the potential energy difference which 
we assumed in paragraph (c) when dealing with uneven distribution 
between two gas phases. 

The molecules which succeed in passing through the surface 
in opposition to the field of force will of course lose an amount of 
energy equal to i/i, while molecules passing through the surface in 
the reverse direct ion will gain an equal amount of energy. Vaporisa- 
tion will therefore bring about a fall in temperature, and conversely 
the condensation of molecules from the vapour causes a rise in 
temperature. These temperature changes are occasioned by the 
difference between free and latent heat previously dealt with 
[I. (2b)]. The amount of energy which must be supplied or removed 
in order to keep the temperature constant while these processes 
take place is the ” internal heat of vaporisation,” i.e., the total 
heat or work of vaporisation, minus the work of vaporisation. The 
above considerations show that the value of the internal heat of 
vaporisation is equal to the difference in molecular potential energy 
[I. (2e)] between the two phases. 

We can also obtain expressions for the velocity of vaporisation 
of a liquid at constant temperature and for the equilibrium between 
liquid and vapour. The number of molecules with velocity com- 
ponents at right angles to the surface between w and w -f- dw 
which strike 1 sq. cm. of the smface pt‘r second is given by equa- 
tion (47) as 

1 

dN == iVfl — = e wdw, 

a [/ 71 


where N n is the number of molecules per c.c. If w^. is the minimum 
velocity which allows the molecules to penetrate the surface, then 
integration of the above expression between the limits tc* and oo 
gives the total number of molecules penetrating the surface per 
second. This integration gives 

■» wl 


N=N, 


-= e 


2|/7i 


(62) 
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or, from (38), 


kT, (63) 

2\/n 

where E* is the critical translational energy in one dimension 
corresponding to the velocity jo*. This gives the rate of evaporation, 
expressed as the number of molecules leaving 1 sq. cm. of liquid 
surface in 1 second. 

The equilibrium expression is obtained by equating this number 
to the number of vapour molecules which strike the surface in the 
same time. If Nj^ is the number of molecules per c.c. in the vapour, 
the required number is obtained by integrating the expression 




1 - — 

— e wdw. 


between the limits 0 and co, since we have seen that all vapour 
molecules striking the surface are condensed. The integration 
gives 

, 64 ) 

and combination of (63) and (64) gives the equilibrium condition 

^ = J 1651 


The form of this equation is identical with that of equation (49), 
which expresses the Boltzmann distribution law, and it could have 
been written down by direct analogy with this law, since the critical 
energy E* which liquid molecules must possess in order to penetrate 
the surface corresponds exactly to the potential energy iji appearing 
in equation (49). 

Like (49), (66) cannot be considered an exact equation, since among 
other things the volume occupied by the molecules themselves was not 
taken into account in its derivation. An expression which agrees 
much better with experiment is obtained by first putting 

where and Vb are the molar volumes of the vapour and liquid respec- 
tively, and then correcting these volumes for the volume occupied by 
the molecules themselves, using the quantity 6 in van der Waal’s 
equation. This gives 


( 66 ) 
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If (6S) or (66) is difierentiatod with respect to tem^rature, assuming 
that E/i and or Vg — b are constant, and that Vjt > > 6, we obtain 


dT 


(67) 


which is id^tical with the thermodynamic vaporisation equation 
II. (61), if we put 

= a£. 

This means that in agreement with the above considerations we must 
identify the heat of vaporisation with the increase of potential energy 
which the molecules undergo when they pass from the liquid to the 
vapour through the surface field of force. 


Equation (65) predicts that the ratio between the concentrations 
of molecules in the vapour and in the liquid should depend only on 
EtIT. In agreement with this it is found that the ratio between 
the molar heat of vaporisation and the temperature at which the 
vapour possesses a given concentration is a fairly constant quantity. 
A related empirical rule known as Trouton’a rule, may be written 

= constant = about 21, 

where g is the molar heat of vaporisation and T the boiling point 
under a pressure of one atmosphere. This relation can also be 
considered as expressing the constancy of the entropy of vaporisa- 
tion under the conditions stated. It is, however, only approximately 
valid. 


3. Kinetic Theory of the Crystalline State 

(a) Lattice Structure and Lattice Energy. The external geo- 
metrical form possessed by crystals is a consequence of an internal 
molecular structure differing essentially from the structure charac- 
terising the fluid state. \^ile in the latter state the molecules 
can move freely, the constituent particles in a crystal form a so- 
called crystal lattice, in which each individual component has its 
fixed position, and the arrangement of the components follows 
simple geometrical laws. The thermal molecular motion of each 
single particle is confined to oscillations about a fixed position of 
rest. 

The properties of a gas can in general be characterised as the 
properties of molecules, but in the case of crystals the molecule 
does not as a rule play such an important part. The particles 
whicl^ are arranged in the lattice can often be regarded as atoms 
or ions. The properties of crystals are affected to a high degree by 
the nature of the components of which the lattice is built up. In 
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investigating the structure of the ei^mtal lattice, which is a very 
important factor in determining the properties of the crystal, the 
power of the crystal to diSract X-rays has proved particularly 
valuable. In certain respects the behaviour of ionic lattices is 
specially simple. Typical salts, e.g., NaCl, are completely dissociated 
into ions in the crystalline state, and their properties can be calcu- 
lated to some extent from the structure of the crystal and the laws 
for electrostatic forces. Thus it is possible to calculate the lattice 
energy of the crystal, i.e., the amount of energy which must be 
supplied in order to turn the crystal into a completely ionised 
dilute vapour. The same quantity can be derived from the heat of 
formation of the crystal from the elements concerned and the 
ionisation energy of the latter [X. (2a)]. In the simplest cases there 
is good agreement between the two sets of values. 

(b) Specific Heat. Calculation from the Quantum Theory. Since 
the thermal energy of a crystal depends on the vibrations of the 
particles in the crystal lattice about their equilibrium positions, it 
is reasonable to begin our calculation of the energy and the specific 
heat by considering a linear oscillator, t.e., a particle constrained to 
oscillate in one dimension. 

According to the law of equipartition of energy (12), such a linear 
oscillator must have the average kinetic energy ^hT. It will, how- 
ever, also possess a certain potential energy, which increases with 
its displacement from the point of equilibrium. If the oscillation 
is harmonic, i.e., if the force acting on the particle is proportional 
to this displacement, the mean values of the potential and kinetic 
energies will be the same. A linear harmonic oscillator therefore 
has the energy 

E = kT, (68) 

i.e., a total energy corresponding to two degrees of freedom. 

Since in the crystal the particle can oscillate in three dimensions, 
and will possess the above amount of energy for each dimension, 
the total energy will be 


E = 

= 3kT 

(69) 

E = 

= 3RT 

(70) 


for each gram-atom. This gives for the specific heat at constant 
volume 

c„ = 3R = 6-96. 

Since according to equation I. (68) Cj, is somewhat greater than 
Cf, the above result agrees well with the rule of Dulong and Petit, 
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jcoording to which the specific heat at constant pressure is some- 
what greater than 6. However, the theory provides no explanation 
of the existing exceptions to this rule, or of the decrease of specific 
heat with decrease of temperature which solids exhibit in general 
[II. 3]. Such an explanation is only possible in terms of the quantum 
theory, which, as we have seen, is able in the case of gases to account 
at least qualitatively for the deviations from the classical laws. 

A quantitative calculation of the energy content and specific 
heat of simple crystals was first carried out by Einstein for a crystal 
in which the units constituting the lattice are atoms. We shall 
give here a simplified derivation of Einstein’s formula. 



According to Maxwell’s distribution law, the distribution of energy 
in a system with two degrees of freedom is given by equation (39) 


No~Fr^ 


_£ 

"rf£. 


If Ng is the Avogadro number, dN is the fraction of the atoms in a 
gram -atom of crystal which have energy in two dimensions between 
E and E + dE. By integrating between E and oo we obtain in 
agreement with (40), 


_ K 

N=N„e 


( 71 )' 


Equation (71) is represented graphically by the curve in Fig. 6, 
in wtiich the abscissa represents the energy £ of a molecule, and the 
ordinate the number of molecules N having energy greater than 
E. The curve can also be obtained by imagining all the molecules ' 
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arranged at equal intervals along the ordinate axis in ord^ of 
increasing energy, and then marking out an abscissa equal to the 
energy corresponding to each point. Since the equation can be 
written in the form 


. N E 
~~ hT 


(72) 


this “ distribution curve ” most be a logarithmic curve of the type 
met with in other connections, e.g., in the kinetics of a unimolecular 
process [VIII. (Ic)]. It is easily seen from equation (72) that that 
part of the curve lying to the right of an arbitrary abscissa value 
will be a distribution curve for the number of molecules given by 
the corresponding ordinate. Boltzmann’s distribution law can be 
derived directly from these considerations. 

The total energy of the molecules is obviously represented by the 
area under the distribution curve and can be written as 


E = (73) 

or, introducing (71), 

(*“_ " 

E = — NAe >^TdE = N^kT = RT. (74) 

Jo 

This expression agrees with the classical value for the energy in two 
dimensions of I gram -molecule, as of course it must on account of 
the method by which it was derived. 

According to the quantum theory, however, (74) does not give 
the correct value for the energy, since it assumes a continuous 
energy distribution from zero to infinity. The quantum assumption 
is that the oscillating atoms can only possess integral multiples of 
the quantum of energy e, and further, that all atoms which according 
to Maxwell’s law should have energies between 0 and e are actually 
without energy, while atoms which according to Maxwell’s law 
should have energies between € and 2e actually have only one 
quantum, etc. On this assumption the total energy will be repre- 
sented by the area under the stepped line in Fig. 5, where the length 
of the horizontal steps is t. This area is seen to be 

Et = i + ilfj + Yj-)- . . .), (75) 

where according to (72), 


N, = NoX, Na = JViX, N, = NaX , ^7^) 

and 

B 

,x = e" 
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Combining these equations gives 

Et = Yot(a: + x’‘ + . . .) 

X 

or, since the sum of the series inside the brackets is , 

1 — X 

(77) 

fl.T_ 1 

The factor multiplying in this formula is the energy (according 
to the quantum theory) of a particle with two degrees of freedom, 
t.e., the energy of a linear harmonic oscillator. In agreement with 
this, if the quantum of energy « is sufficiently small, (77) becomes 


identical with (74), the denominator reducing to 

Since an atom oscillating freely in a crystal has three times as 


many degrees of freedom as a linear oscillator, the energy of one 
gram-atom of crystals will be 



1 


(78) 


an expression which reduces to the classical hmiting value SET, 
when kT >> e, but which gives E = 0 at very low temperatures. 

If (78) is differentiated with respect to temperature, we obtain 
for the specific heat 



from which the value of Cj, can be calculated by the thermodynamic 
equations I. (68) and I. (69). 

As regards the success of (79), Einstein’s specific heat equation, 
it may be said to reproduce qualitatively the general features of 
the temperature variation of the specific heat of simple crystab. 
At a sufficiently high temperature it agrees with Dulong and Petit’s 
law, while at a sufficiently low temperature it predicts a zero 
specific heat. It is not, however, in quantitative agreement with ^ 
experiment, and in particular it does not agree with the simple 
relation found to hold at low temperatures, according to which the 
specific heat near absolute zero is proportional to the third power 
of the temperature [II. (43)]. 

^Different substances behave very differently as regards the 
variation of their specific heats with temperature, thus showing 
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that the quantum of energy e is not the same in all cases. A very 

important step in Planck’s hypothesis of energy quanta lies in 

the relation postulated between the magnitude of the energy quan- 
tum and the frequency v of the oscillator in question. This frequency 
is the number of oscillations which the oscillator executes per second, 
and for a simple harmonic oscillator is independent of the amplitude 
of oscillation. The relation postulated by Planck is 

€ = hv, (80) 

where ^ is a universal constant known as Planch’s action constant, 
which has the dimensions energy X time and the value in absolute 
units 

h = 6-55 X 10--^ (81) 

Methods which serve to determine the characteristic frequency 
of an oscillator thus lead directly to a determination of the quantum 
of energy. We shall not, however, deal with these methods here. 

One of the essential reasons for the partial failure of Einstein’s 
specific heat formula lies in the fact that its derivation assumes that 
the oscillation of the atoms in a crystal is '* monochromatic,” t.e., 
is characterised by a single frequency. Actually, on account of the 
mutual interactions between the oscillations of the closely packed 
atoms we have to deal with a whole spectrum of oscillation fre- 
quencies. This has been taken into account by Debye, and leads 
to an equation differing somewhat from (79) which is in excellent 
agreement with experiment. 
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MIXTURES 

1. PuBK Substances and Mixtures 

A HOMOGENEOUS mixture is a system whose properties are 
changed when a portion of the matter constituting the system passes 
into a new phase under arbitrarily chosen external conditions. A 
pure substance will remain unchanged when subjected to the same 
treatment under varying external conditions. 

The formation of a new phase is most simply brought about by 
an ordinary change in the state of aggregation. Thus, for example, 
a pure substance like water undergoes no change of properties on 
partial freezing or partial vaporisation. Salt water, on the other 
hand, will leave behind a fraction with properties differing from 
those of the original sample, and is hence a mixture. 

Certain mixtures will not give a fraction with different properties 
when subjected to a change of state under all external conditions. 
Thus a 20% solution of hydrochloric acid boils at 110° under a 
pressure of one atmosphere without undergoing any change in its 
composition. However, at any other temperature the mixed nature 
of solution will be apparent at this pressure. 

These experiments do not, however, prove anything conclusively 
about the internal structure of the substances concerned, since it 
quite often happens that one kind of change of state indicates a 
substance to be pure, while another indicates it to be a mixture, 
e.g., the freezing and vaporisation of “ pure ” sulphuric acid. In 
a case of this kind we speak of the dissociation of pure substances. 
The greater the range of conditions under which a substance appears 
to be pure, the greater is its stability. 

From the point of view of molecular theory, any substance whose 
molecules are all alike can be termed a pure substance. It is not, 
however, always true that all the molecules in a pure substance are 
alike, e.g., water probably contains both single molecules, HjO and 
double molecules, H 4 O,. Composite substances of this kind behave 
like pure substances during changes of state because the equilibrium 
between the difierent molecular species of which the substance 
consists is adjusted almost instantaneously as the change takes 
plao^ 

Experience has shown that a mixture can always be split up into 
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(or forsusd from) at least two pure substances, which are known as 
the constituents or components of the system. The mixture is 
termed binary, ternary, quaternary, etc., according to the number 
of its components, i^ovided that no slow “ chemical processes ” 
take place on mixing, the properties of the mixture will be completely 
determined by the nature and relative amounts of the components, 
together with physical conditions such as temperature and pressure. 
For the present we shall deal only with mixtures of this kind, and 
shall confine ourselves chiefly to mixtures formed from only two 
components. 

The composition of a mixture or solution can be defined by specify- 
ing the concentration in different ways. If the mixture contains Wi 
molecules of the first component and molecules of the second 
component K^, the concentration can be specified by the ratio 

— ^ — = X. The concentration of K, is then x and that of X, 

rij + Wj 

1 — so that the concentration scale extends from 0 to 1. x and 
1 — X are termed the molecular or mole fractions of the components. 

The concentration is also often expressed in terms of — , which 

becomes equal to the mole fraction x in solutions which are extremely 
dilute with respect to Xj. In the case of liquid mixtures the 
concentration can also be stated as the number of gram -molecules 
of Xj in unit volume of the mixture, or as the number of grams per 

unit volume or weight. In the first case we have c = or, if V 

is the molar volume (i.e., the volume which contains one gram- 

molecule of the component in question), then c = ^. The molar 

volume and the concentration thus have reciprocal values in this 
scale. 


2. Gaseous Mixtures 

(a) Partial Pressures. If molecules of a perfect gas are brought 
into contact with Wj molecules of another perfect gas, the concentra- 

tion of the mixture can be expressed by the mole fraction = x, 

Mi +»2 

and its properties can be calculated from the concentration by means 
of simple relations. 

The pressure in a gaseous mixture can be considered as the sum 
of the partial pressures of the single components. These partial 
piesBuies are best defined by describing the method by which they 
can in principle be measured. This measurement is carried out by 
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placing the mixture in an enclosure R (Fig. 1) provided with two 
semi-permeable walls A and B, of which A is permeable to but 



not to Ki, while B is permeable to but not to K-^. If the enclosure 
communicates through A and B with two eompartments filled with 
frictionless pistons I and II, then the space between A and I will 
be filled with Xj and the space between B and II with Xj, while the 
pressures of the two gases can be measured directly by means of the 
pistons. These pressures, pj and p,, are the partial pressures of 
Xj and Xj respectively. They will be found to satisfy the following 
equations : — 


Pi = xp 

Pj = (1 - r)p. 


( 1 ) 


where p is the total pressure inside R. The partial pressure of 
each component is thus equal to the pressure which that component 
would exert if it alone occupied the space in question. This law 
can be easily deduced from the kinetic theory of gases, 

(b) Work of Mixing. The Thermodynamic Functions. Let us 
assume that a vessel contains two gases Xj and Xj at the same 
temperature and pressure, separated by a partition. If the partition 
is removed spontaneous mixing will take place without any change 
in the total pressure. If the amounts of the gases in gram-molectiles 
are x and 1 — a; and the original pressure p, then if the temperature 
is kept constant the partial pressures after mixing will be given by 
equation (1). 

The maximum work which can be obtained from this spontaneous 
isothermal mixing process can be calculated in the following way. 
First let the pressures of the two components Xi and Xj be altered 
irohi p to Pi and respectively. According to equation II. (10), 
.the work thus obtained is given by 
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A --= xRTln S- + (1 — a) RTUi ^ . 

Pi Pt 

or, introducing (1), 

A = — xRTlnx — (1 — x) RTln (1 — .r). 

The two gases are then passed reversibly through the semi-permeable 
walls into the space R in Pig. 1, which already contains a mixture 
of concentration x. The work thus obtained is given by 

A'= — xpiUj — (1 — x) pjt >2 = — RT, 

provided that the partial pressures in the mixture do not change 
while the gases are being introduced. The last condition can be 
fulfilled by introducing and continuously in the ratio x : l—x, 
and at the same time removing the same quantities in the form of 
mixture by means of the piston III. Since the amount of mixture 
is one gram-molecule, the work done on the piston III is 

A" = RT. 

The total work of mixing for the production of one gram -molecule 
of mixture is thus given by equation (2), since A' + A" =0. 

Since equation (2) shows A to be proportional to the temperature, 
the energy change in the mixing process is given by I. (12) as zero. 
The heat evolution will hence also be zero when the mixing takes 
place in the normal w'ay by diffusion of the gases without the 
production of any work. 

If the process of mixing takes place isothermally and reversibly 
so that the work done is given by (2), then the same expression will 
represent the reversible heat absorption, g. The latter quantity is 
for reversible processes related to the entropy change by the equation 

q=TJS=T(S—So), (3) 

where 8^ is the entropy of the system before mixing and 8 the entropy 
after mixing. Hence, introducing (2) into (3), 

= S — So = — R [xlnx -|- (1 — x) In (1 — x)]. (4) 

The change which the other thermodynamic functions undergo on 
mixing is obtained by using I. (30), and remembering that AE is 
zero on account of (2) and I. (12). This gives 

0, (6) 

JF=JG = RT [xlnx + (1 — x) In (1 — x)], (6) 

for one gram-molecule of mixture. (6) can, of course, also be derived 
directly from (2) and I. (32). 
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We can use equation (6) to calculate the dependence of the 
chemical potentials of the components upon the composition. It is 
simplest to use one of the definitions previously given in I. (45), i.e.. 




(7) 

(«) 


It is therefore necessary to find the variation of F or G with Wj, 
being kept constant. Since (6) refers to one gram-molecule of 
mixture, we shall use the expression 


F_ Fo = G — Go = RT(ni + n*) [x/nx + (I — x) (1 — a:)], ( 9 ) 


where the subscript 0 refers to the system before mixing, p can 
then be found by differentiating (9) under the conditions expressed 
either in (7) or in (8). We shall use the second set of conditions for 
determining the potential. 

In differentiating (9) with respect to it should of course be 
noticed that both the terms inside the brackets are functions of Wi. 
Carrying out a similar differentiation for have 

= I =RTinx, I 

\ dnr jT,p.n. 

- ^^2(2) = = ■RT’/n (1 - X), 

showing the simple relation between the chemical potentials and 
the concentrations. Pm) and fi 2 ( 2 ) are the potentials of the pure 
components at the temperature and pressure of the mixture. 

It has been mentioned before that the absolute values of the 
thermodynamic functions are in general undetermined, since a 
standard state can be arbitrarily chosen. This will of course also 
apply to the potentials in equation (10). If we wish to emphasise 
this fact by writing (10) in the form 

Fi = RTlnx 4- fi, 

Fi ~ RTln (I — x) -f" *2 > 

then, in order to agree with (10), the integration constants i^ and 
must be quantities independent of the concentration but depending 
on the temperature and pressure. In other words, if i^ and tj are 
takkn as constants, then equation (11) is valid only at constant 
temperature and pressure. 

In general, the expressions for the thermodynamic functions of 
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gas mixtures can be readily derived from the expressions valid for 
pure gases by introducing the partial pressures in place of the total 
pressure. The correctness of this procedure follows from the 
independence of the energy on variations of pressure and concentra- 
tion, coupled with the easily proved rule that the entropy of the 
gaseous system riyK^ + has the same value when the two 
components are present in a given volume as a homogeneous mix- 
ture, and when they occupy this volume separately. 

Thus the jjotential of in a gas mixture of varying pressure and 
composition is obtained from the equation valid for a pure gas, 
II. (32), 


H-ui) — RTInp + I, 

by introducing the partial pressure p^, giving 

Pi = RTlnpi + I. (12) 

By combining these two equations we obtain 

Ml — Ml (I) = Rr/n ^ = RTlnx, (13) 

identical with equation (10). 

3. Liquid Mixtures 

While gases are miscible in all properties, liquids may be incom- 
pletely miscible if the intermolecular forces between the components 
Ki and are much smaller than the forces between the rnolecules 
of the single components . In such cases, shaking the liquids together 
will form a heterogeneous liquid mixture or an emulsion. If the two 
components are completely miscible, it will be possible to make 
solutions of all compositions, from pure component X,, corre- 
sponding to a: = 0, to pure component Xj, corresponding to a: = 1. 
It is found that the properties of solutions near a: = 0 and a: = 1 are 
characterised by specially simple relations : such “ dilute solutions ” 
are of particular importance and will be treated in the next chapter. 
In the present section we shall give the general theory of homo- 
geneous mixtures without restrictions as to the concentration. 

(a) Work of Miziiig. Many of the properties of a homogeneous 
mixture can be derived if we know the relation between the concen- 
tration of the mixture and the chemical potentials of the compo- 
nents. It is not in general possible (as for mixtures of perfect gases) 
to express these potentials as known functions of the concentration, 
since their values also depend on the nature of the components. 
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There are, however, some general laws governing the effect of the 
concentration, which can be derived by considering the maximum 
work obtainable from the process of mixing. 

This process can be carried out in two essentially different ways. 
In the first place we can mix finite amounts of the two pure compo- 
nents, e.g,, iti molecules of Xj and molecules of '■ this is 
termed an integral mixing process, and the maximum work obtain- 
able will be denoted by .4. In the second place, we can dissolve a 
certain amount of a pure component, e.g., one molecule, in an 
infinite quantity of a mixture of X, and Xj, so that the concentra- 


tion of the mixture, * = — ^ — is not altered. This is termed a 
n, + jij 

differential mixing process. If it is carried out with one molecule of 
either component, the differential work of mixing obtained will be 
denoted by and respectively. For mixing processes carried 
out at constant temperature and pressure there exist important 
relations between the three quantities A^, A^ and A. 

An isothermal integral mixing process giving work A can be 
carried out differentially by simultaneously adding and njX, 
to a mixture of composition x in such a way that the concentration 
remains sensibly constant throughout. Since the work obtainable 
by the two methods must be the same, we have 

A = -f njAj. (14) 

The integral mixing process can he carried out by taking a given 
amount rajKj of the second component and adding to it in 

infinitesimal amounts dn^, so that the addition of each amount is a 
differential process. We theJi have obviouslj' 


or, more precisely, 


dA — Ajdn^, 



(16) 

(16) 


Analogously, we have for the other component 



Since A is a function of Uj and n^, the general rule for partial 
differential coefiBcients gives 



(18) 
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which in conjunction with (16) and (17) leads to 

dA ~ A^dn^ + A^n.i. ( 19 ) 

Finally, complete differentiation of (14) gives 

dA = tijdA^ + Afdn^ + n^A^ + A^n^, (20) 

which in conjunction with (19) gives the important relation between 
the two differential works, 

nid>4j + = 0. (21) 

The method of derivation shows that all these equations are only 
valid for constant temperature and pressure. 

In illustrating this relation graphically it is best to use the x 
concentration scale, and to deal with A„ the integral work of mixing 
per molecule of mixture, instead of A, which refers to Mj + 
molecules of mixture. The corresponding equations can be derived 
analogously to those given above, or can be obtained from them by 
the relations 


A = (ni + nj) 

and 

ni + nj’ 


This leads to the following relations, valid for constant temperature 
and pressure. 


A( — xA^ “|- (1 x) Ag, 

(22) 


(23) 

= Ai -J- (1 — x) 

ax 

(24) 

A A C/A/ 

Aj = Af — 

ax 

(25) 


together with the important relation between the differential 
work terms. 


X 


dAi 

dx 


+ (1 — 


dx 


= 0 . 


(26) 


The relation between A^, A^ and Ai expressed by these equations 
is shown in Fig. 2. It may be specially noted that the Aj and A, 
curves intersect at the maximum of the Aj curve, and that they 
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approach the ordinate axes asymptotically at a; = 0 and a: — 1 
respectively. 



Equations (21) and (26) can also be deduced directly by the 
following simple argument. If one gram-molecule of mixture is 
transferred from concentration x to concentration x -f dx, the 
work obtained must be infinitesimal since the concentration 
difference is infinitesimal. If further the composition of the gram- 
molecule transferred differs infinitesimally from the composition 
of the solutions between which it is transferred, the work obtained 
must be reduced to an infinitesimal of the second order, t.e,, it must 
be effectively zero. The mixture xK^ -f (1 — x)K^ has the required 
composition, and the work of transferring one molecule of this 
mixture must be zero, i.e., 

xdAi -f- (1 — x)dA2 = 0. 

(b) General Relations between Differential and Integral Quan- 
tities. It is easily seen that relations analogous to those derived 
above will be valid not only for the work of mixing, but also for any 
other extensive quantities associated with mixing which depend 
only on the quantities of the substances present. It is therefore 
necessary that the pressure and temperature should be kept constant 
during all the operations performed, since the properties of a system 
will in general depend on these two variables. 

We can therefore write in general for the relation between an 
integral quantity X and the corresponding differential quantities 
Xj and X„ T and p being constant. 


p.o. 


X = HjXi n^X^, 


(27) 



»8 


MIXTURES 


Xj = 



( 28 ) 

(29) 


n^dXi + iiidXi = 0 (30) 

Thus, for example, if these general equations are apphed to the 
volume, X = F is the integral or total volume of (TCi + n^) molecules 
of mixture, while Xj = Vj and = Fj are the differential molar 
solution volumes, i.e., the increase of volume caused by dissolving 
one molecule of Xj and Xj respectively in an infinite amount of 
mixture. 

In the same way equations (27) to (30) can be used to define 
differential thermodynamic functions X, and X^, which are of great 
importance for the thermodynamics of solutions. Thus the differen- 
tial G-function defined by 


/ii = Cl = 




(31) 


is identical with the chemical potential [I. 3. d.], and is equal to 
the increase of thermodynamic potential caused by adding one 
molecule of the component Xj to an infinite amount of mixture of 
composition x. Similarly, the differential heat content. 


//i = 


f— ) ' 


(32) 


is the increase of heat content when one molecule of Xj is dissolved 
in an infinite amount of mixture. — -^ki) is easily seen to be 
identical with the differential heat of solution Qj. 

It is important to realise that all the formulae derived in Chapter I 
for the variations of the total thermodynamic functions can be 
transformed into equally valid formulae by introducing differential 
functions in place of total ones. For example, equation I. (34) 


becomes 



(33) 

(34) 


To demonstrate this we shall first note that since n-^ and have 
been introduced as variables, equation (33) should be written 
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Since, however, T and nj are kept constant in all the subsequent 
operations, we shall omit them for the sake of simplicity, and write 



(36) 


Equation I. (44) now gives for constant T and 

dG = frjdwj -( Vdp, (37) 

and if we apply to this equation the differentiation rules in 
I. (72)-(74) wo obtain 


In, 

However, we have from (28) 


d_k\ 

hnjp 


and hence finally 



(38) 


(39) 

(40) 


We thus obtain an equation for the differential quantities <?j and 
\\ which is quite analogous to the equation (35) valid for the total 
functions 6 and V. The effect of temperature upon is analogously 
given by 


(wL„.; 


(41) 


The proof assumes a similar form in all cases. 

Just as equations (27) to (30) have been derived as the basis of 
the proof given for the special case X = A, so equations (22) to (26) 
can be transformed into general relations by the same substitution. 
We then obtain. 


Xi — xXj -)- (1 — x) X^i, 


X, = Xt + {l-x) 



Xa = Xi — 



(42) 

(43) 

(44) 
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m =0 


(46) 




where Xf is the value of > the function X per unit amount of 
mixtuie. 'niese equations are useful in the graphical represe^itation 
of ilie variation of the thermodynamic functions with conceiitration 
(c/. Figs 2 and 11). For example, it is easily seen that the value of 
Xy is given by the intercept on the ordinate x = 1 made hy the 
tangent to the X(-curve at the concentration x. 

Equation (45) shows that at x = 0 we must have either 



— ?) =0. The first alternative is 

^3: Jt.p 


obeyed by the work of mixing and the functions F and 0, while the 
second is obeyed by the functions E and H and the volume for 
mixtures of non-electrolytes. 

(o) The Chemical Potential. The Gibhs-Duhem Equatiob- fhe 

chemical potential is defined by equations I. (40), (42), (44) and (45). 
We shall use here the definition in terms of the function 0, which is 
specially simple. 


dG = — SdT + vdp -f- Sp^dni, 

These equations show (as does equation (31) ) that fi is identical 
with the difierential (3-function : 

= fri. (“s = Gg* • • •> (46) 

so that we can write from (27) and (30), 

G — Hipi -)- (47) 

/iidjUi + = 0. (48) 

This equation can also be obtained directly from I. (56) for T and p 
constant. It is easily seen that an analogous equation bolds for 
any number of components. We thus have in general 

Sn^dpi = 0, (49) 


the conditions for the validity of both equations being that T and p 
are constant. 

(48) and (49) represent the so-called Gibbs-Duhem equation, 
which is of great importance for the thermodynamics of ijiixtures. 
If one of the components, e.g., K^, is present at infiiJitesimal 


concentration, the corresponding diSerential coefficient 
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will be infinite compared with 
and (4). 

I. (52) shows that 



This follows from V. (3) 


/ii - = ~ -^i+PiVx- Fi(i))- (50) 

For Uquid systems the last term in this expression is in general of 
little importance, and we can therefore write as a good approxima- 
tion for such systems, 


^1(1) = - Ai, — i“2(2) = — • • •, (51) 


i.e., we can identify the increase of chemical potential associated 
with the mixing process with the negative value of the differential 
work of solution. 

Since the potential is identical with the differential O-function, 
(40) and (41) give directly 


and 



(52) 


(53) 


By introducing (52) and (53) in the general differential equation 



we obtain 

dpi = - SjdT -f V,dp + dx, (55) 

or, for constant composition, 

— — SjdT -f V^dp. (56) 

(d) Ideal Mixtures. It is not possible in general to predict how 
the chemical potential of a component will depend on the composi- 
tion of the solution, since the nature of the dependence varies with 
the chemical nature of the components, just as for the work of 
mixing. A knowledge of the potentials as functions of the concen- 
tration gives a complete thermodynamic description of the mixture 
in Question at constant temperature and pressure. 

%rtain liquid mixtures are characterised by particularly simple 
behaviour, the chemical potentials over the whole concentration 
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range b^ng found to obey the same laws as those deduced for gaseous 
mixtures. For such liquid mixtures we have from equation (10), 

i“i — = RTlnx, 

— ^* 2 ( 2 ) = RTln (1 — x). 

These equations can of course only be tested by introducing 
definite values for the molecular weights and of the two 
components, since these quantities are needed to determine both 
the molecular potentials and the composition x. Equation (57) 
can therefore also be regarded as a definition of the molecular 
weight in the liquid state for ideal mixtures, and hence also for the 
molecular weight of the two components in the pure liquid state. 
It is found in general that the molecular weight in ideal liquid 
mixtures is the same as that of the pure components in the vapour 
state. 

Mixtures which obey equation (57) will also behave ideally in 
other respects. Just as for gas mixtures, the change of energy 
and the heat of mixing at constant pressure and temperature must 
be zero, and the differential volumes will be independent of the 
concentration. We thus have for such mixtures 



V, = r.(„. 


Equation (51) will therefore be not only approximately, but exactly 
valid, so that we can write 


= — RTlnx, I 
.dj = — RTln (1 — x).\ 


(58) 


On the other hand, the equation (—] = 0, which is charac- 

\dv / T 

teristic of perfect gases, will not be obeyed by ideal liquid mixtures 
any more than it is by pure liquids. 

Mixtures which behave ideally are usually formed from com- 
ponents having molecules of similar structure. Thus mixtures of 
ordinary water with heavy water (deuterium oxide), or of toluene 
with benzene or diphenylmethane, obey the ideal laws approxi- 
mately. The work of mixing can then be calculated from the 
equations for ideal gases. Thus the work obtainable by mixing 
i gram-molecule of benzene and J gram-molecule of toluene is given 
by equation (2) as 

Ai= ~ RTln\ = 404 cals. = 172 kg. metres. 

As we shall see in the next chapter, the laws of ideal solutions will 
hold for all solutions in the neighbourhood of a; = 0 and x — 1, 
i.e., for what are termed “ dilute solutions.” 
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(e) Activities and Activity CoefBcients. In describing the thermo- 
dynamic behaviour of mixtures, the ehemical potential p can be 
replaced by the activity a. The two functions are connected by 
the relation, 

lx^ = RTlna^ + k„ ( 59 ) 

Hi = RTlnOi -f ki, (60) 

where for given components and are independent of the 
concentration, but dependent on the jwessure and temperature. 
Thus if and are regarded as constants, (59) and (60) are only 
valid for constant temperature and j)re.ssure. 

The presence of the terms k^ and k^ (depending on the tempera- 
ture and pressure) in the definition of the activity allows freedom 
in the conventional choice of an absolute value for the activity 
under varying external conditions. Thus in many cases it is con- 
venient to put Uj = 1 for j: = 0, and a, — 1 for x = 1, independent 
of the temperature and pressure. The activity is then unity for 
each component in the pure state 

With this convention the equations defining the activity can be 
written 


i“i — = RT/noj, 1 

Hi — (“2(2) = RTinOi, j 


where pm) and /i 2 ( 2 ) the chemical potentials of the pure com- 
ponents at the same temperature and pressure as the mixture 
under consideration. It will be seen that the addition of a constant 
term to the potential is equivalent to multiplying the activity' by a 
constant factor. (61) is generally valid if is defined as the 
value of pi when a, = 1. If pm) is defined as the potential for 
.r = 1, the validity of (61) also depends on the convention that 
Uj = 1 for x = 1. 

Equations (57), (59) and (69) .show that for idea) solutions the 
activity is proportional to the eoncentration. If the above conven- 
tion is introduced, they' become identical, i.e , 


«! = X, ( 

Oj = 1 — X.J 

For non-ideal solutions W'e can write 


(62) 


^1 — v 

aj = (1 — T)fi, 


(63) 


wl^pre fi and are factors dejicnding on the concentration which 
are termed activity coefficients. If these coefficients are introduced 
into (61) it becomes 
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Hi — Hi(i) = RTlnxfi, 

H» ~ HJ(2) ~ RTln (1 — x) ft- 

The activity coefBoients can be regarded as a measure of the devia- 
tion of the mixture in question from ideal behaviour. 

The effect of temperature and pressure upon activities and 
activity coefiScients is derived from (52) and (53) by introducing 
(61) and (63). For the effect of pressure we have 





or 

showing that the activity and the activity coefficient will be inde- 
pendent of pressure if the two components mix without any change 
of volume. 

The effect of temperature is given by 

or 

RTlnf.x + R-n 
or, introducing (46) and I. (30), 

(^L - (^l. 

The activity and activity coefficient is thus independent of the 
temperature if the heat of mixing is zero. 

By applying the Gibbs-Duhem equation to (48) in the forms (59), 
(60) and (64), it is seen that both the activities and the activity 
coefficients are connected by relations analogous to (48), i.e., 

n^dlna^ -j- n^na^ = 0, (67) 

n^dlnf^ -f Jigdln/j = 0. (68) 

Analogous expressions hold for systems with more than two com- 
ponents. 

The concepts of activity and activity coefficients have proved of 
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paxticulaiT value in treating dilute solutions, trhich will be dealt 
with in the next chapter. 

Besides the activity function described above, the so-called “ abso- 
lute activity ” is of some importance. This is defined by the equation 

Pi = RTlnai -f fej, (69) 

which is analogous to (59), but differs from it in that A^i in (69) is a 
constant dq)ending on the temperature and pressure, but independent 
of the nature of the other components present. In the same way, the 
“ absolute activity coeflBcient ” is detoed in terms of the absolute 
activity by the equation 

Oi =fiXi. (70) 

It will be seen from these definitions that equilibrium between any 
two phases at the same temperature and pressure demands that 

a'=a", (71) 

and hence that 

4 - = (’ 2 ) 


(!) Equilibrium between Liquid and Vaponr. Just as in the case 
of a pure liquid, a liquid mixture at a given temperature is charac- 
terised by a definite vapour pressure. The composition of the 
vapour will also be fixed if the composition of the liquid is given. 
The composition of the vapour will however in general differ from the 
composition of the liquid with which it is in equilibrium. 

If the vapour pressure is small and the vapour thus dilute, we 
can apply the partial pressure law (1), giving 


Pi = 3:'p, 

Pi = {l- x')p, 


(73) 


where x' is the mole fraction of in the vapour. The total vapour 
pressure p is thus equal to the sum of the partial pressures. If the 
vapour is so concentrated that (73) is not valid, we can use the 




Fig. 3. 


Fig. i. 
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equation to define “ theoretical partial pressures,” which will of 
course by definition follow this law of additivity. The determination 
of pj and Pj in practice usually involves (73), since it is based on 
measurements of x' and the total pressure p, or on measurements of 
the volume concentrations in the vapour. 

Fig. 3 shows examples of the relation between Pi, the partial 
pressure of the component jfiTj, and x, its concentration in the liquid. 
The precise form of this curve cannot be predicted. However, it 
must of course begin at the x>oint where — 0, and end at 
the point A, where pj = Pidj, the vapour pressure of pure K^. 
Further, as we shall see in the next chapter, the pj-curve at A 
must point towards the point Finally, it can be established 
that for completely miscible components (e g., alcohol and water), 
the pi-ourve will rise continuously with increasing values of x. 
Exactly analogous laws will of course hold for Pj. 

Fig. 4 shows an example of the curves for both the two partial 
pressures and the total pressure, the absciss® again being the 
values of x. The three curves are not mutually independent. To 
begin with, we must have p = Pi + Ps, from (73). Further, in 
addition to the fixed nature of their terminal points, the shapes of 
the two partial pressure curves are not independent of one another. 

The relation between them can be obtained if we remember that 
at equilibrium p has the same value in the liquid and in the vapour. 
We can therefore write from (12), 


|Ui = RTlnpi + I’l, 1 

== RTInpi + i2, J 


(74) 


as the relation between the chemical potentials in the liquid and 
the vapour pressures. If we neglect the small effect of the varying 
vapour pressure upon the potentials in the liquid (which is usually 
justifiable), we can apply the Gibbs-Duhem relation (48), giving 

n^dlnp^ + n^lnp^ ~ 6. (75) 

as the required relation between the partial pressures. This equation 
can also be W'ritten 


X dpi 1— j dpi _ Q 

p^ dx Pj dx 


(76) 


By comparing (75) with (67), or more directly (59) with (74), 


Ml = RTlna^ + ki. 
Ml = RTlnpi + Ji, 


we see that the activity and the vapour pressure are directly propor- 
tional. The vapour pressure of a component in a liquid mixture 
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thus provides a direct measure of the activity. This can be expressed 
by writing 

Uj = (*^ 7 ) 

where the proportionality factor k is so far undetermined. Equa- 
tion (77) shows that the partial pressure curves in Fig. 4 also express 
the variation of the activities with concentration. 

It is clear that if the whole of the Pj-curve is known, the shape 
of the Pa-curve can be calculated from equation (75). If in addition 
a single point is known on the Pa-ciirve or the p-curve (e.jr., the 
vapour pressure of the pure component K^, P 2 ( 2 )). then the whole 
of the vapour pressure diagram can be constructed. 

In the case of ideal mixtures, eombinatioii of (57) and (74) gives 


(78) 


Pi = Pku*. ' 

P2 = P2(2)(l - X), ) 
showing that in ideal mixtures the partial pressures are proportional 
to the molecular fractions of the components. The same must 
hence be true of the activities. In this case we therefore have 
linear vapour pressure curves, both for the partial pressures and 
the total pressure. If the actual curves lie above the linear ones, 
as curve I in Fig. 3, they are termed positive, while if they lie 
below they are termed negative .vapour pressure curves. In certain 
cases there can be a maximum or a minimum in the total pressure 
curves, but, as already stated, these cannot occur in the partial 
vapour pressure curves of completely miscible liquids. 

From the point of view of molecular theory, the different types of 
vapour pressure curves can be roughly characterised in the following 
way. Positive vapour pressure curves occur in mixtures w'here the 
molecular attractions KyK^ and KyK^ are stronger than the 
molecular attraction KyK,. If the reverse is the case, negative 
<!urves are obtained. Linear curves will therefore be restricted to 
the case in which the intermoleeular forces between all the molecules 
are the same. 

(k) Vaporisation and Distillation of Mixtures. The change in the 
composition of a liquid on vaporisation or distillation will of course 
depend on the relation between the composition of the liquid and 
the composition of the vapour which is removed. Even in rapid 
vaporisation, the vapour will usually be in equilibrium with the 
liquid during the process. 

Information about these changes can be obtained from the total 
vapour pressure curves if we represent in the diagram not only the 
com^tosition of the liquid, x, but also the composition of the vapour, 
x'. The diagram will then contain two curves, the liquid and 
vapoim curves, or (in other w^ords) the vapour pressure and dew- 
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pcnnt'^ilrv^. The relative positions of these two curves obey the 
foUoWii^ general rules. 

If there is equilibrium between liquid and vapour, then an 
isothermal vaporisation (caused by an increase in volume) will 
produce a decrease of vapour pressure. If the vaporisation caused 
an increase of vapour pressure, a eertain amount of vaporisation 
will bring about further vaporisation, and the state would not be 
a stable one. It therefore foUows that during evaporation the 
composition of the liquid will be changed in the direction of the 
ocunponent which causes a decrease of vapour pressure when it is 
added to the mixture, and that the vapour phase is relatively richer 
in that component which causes an increase in vapour pressure when 

added to the mixture (KonowAlow’s 
rule). In Fig. 5, if ri is a point on 
the liquid curve, then since the 
liquid curve rises from to K^, 
the corresponding point B on the 
vapour curve must lie to the right 
of A. The same must be true of the 
relative positions of the liquid and 
vapour curves over their whole 
course. 

If one of the phases is present in 
infinitesimal amount, the composi- 
tion of the mixture which is con- 
verted from liquid to vapour will 
be equal to the composition of this 
phase. If the ratio between the 
amounts of the phases is finite, the 
composition of the mixture evapo- 
rated will be intermediate between the compositions of the two 
phases. 

The relative positions of the liquid and vapour curves can also 
be deduced by considering the partial vapour pressure curves. The 
total vapour pressure is increased by adding that component which 
has the steepest partial pressure curve. Equation (76) then shows 
that the same component must be present in relatively higher 
concentration in the vapour phase, where the concentrations are 
proportional to the partial pressures. 

Finally, KonowAlow’s rule can be deduced by the following thermo- 
dynamic argument, which also expresses the rule quantitatively and 
extends its application to any two-phase equilibrium. 

If two phases denoted by ' and " are in equilibrium at constant 
temperature, equation I. (66) gives 
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— v'dp + Hi rfjUi + n.’ dp. = 0, 1 

— v"dp+ ni dp, + n.' dfx^ = 0, / 



where the two differential coefficients, expressing the change of p, and 
p, in the equilibrium state per unit pressure change, must of course 
have opposite signs. Putting n/ + n,' = n," + n," = 1, and 
denoting by V' and V" the volume of a gram-molecule of mixture in 
the two phases, we have 



If V' > V" and assumed positive, then negative 

and the right-hand side of the equation has the same sign as z' — x", 
and hence as F' — V". The component, the addition of which increases 
the vapour pressure, will therefore be enriched in the phase which has 
the greater molar volume in the equilibrium state. Equation (80) gives 
a general quantitative expression for the effect of pressure on phase 
equilibria in binary systems. 

Continuous isothermal vaporisation of the mixture A (Fig. 5) 
will first form an infinitesimal 
amount of vapour of composition B, 
after which the composition of the 
liquid will move from A to .<4 , while 
that of the vapour will move from 
B to jBj, the last point correspond- 
ing to the same composition aa A. 

At this point the liquid wdll all 
have evaporated and there will 
remain only an infinitesimal amount 
of liquid of composition A^. This 
point therefore represents the limit- 
ing state for the liquid when vapor- 
isation is carried out so that the 
liquid is always in equilibrium with 
the vapour formed. 

If vaporisation is interrupted 
before it is complete, e.g., at the 
preseure Pi (Fig. 6), the original liquid of composition A will have 
been split up into the liquid (residue) Ai and the vapour B^, which 
after separation from the residue can be condensed to liquid of the 



^2 Kj 


Fig. 6. 
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same composition. The liquid can now be treated in the same 
way and evaporated until the pressure is p 2 , when it will be separated 
into fractions of compositions and By continuing this 
procedure we can obtain pure component K^, though only in very 
small quantity. 

The ratio of the amounts of the phases Ai and formed from 
the original liquid A is given in terms of the appropriate concentra- 
tions and since for purely stoichiometrical reasons we have 

^ xb , — as 

x^ Xjij 

independent of the nature of the phases. 

If the vapour is condensed continuously as it is ])roduced, the 
composition of the residue will change 
from A to pure component K^, while 
that of the condensed vapour will 
change from B to C. In continuous 
distillation the composition of the 
distillate will be represented by a 
curve joining B and ( ' to the right of 
the vapour curve. 

If the curve for the total vapour 
pressure has a maximum or a mini- 
mum point, then the application of 
KonowAlow’s rule leads directly to the 
result that the liquid and vapour curves 
must touch one another at this point 
(Fig. 7). On distilling mixtures having 
concentrations which differ from the 
concentration at this point, it is easily 
seen that the composition of both the 
liquid and the vapour will be displaced in the direction of lower 
vapour pressures. If there is maximum, the pure components will 
be finally obtained in infinitesimal quantities, while if there is a 
minimum, the mixture corresponding to the minimum will be 
obtained. For compositions corresponding exactly to the maximum 
or minimum point, the liquid tviU vaporise and distil unchanged like 
a pure substance. This also follows from (76) and (80), which show 
that the compositions of the liquid and vapour are identical at this 
point. 

(h) Tq)our Pressure and Heat o! Mixing. If we apply equa- 
tion II. (49), 


K2 

Fig. 7. 
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to the differential vaporisation of if, from a mixture, and then combine 
it with the corresponding equation for the pure component. 


?i(i) — 


dlnp 


1 ( 1 ) 


we obtain 


dT 




9i 7i(!) — Qi — 




(81) 


dT 


where Q, is the differential heat ab-soiption on mixing, i.e., Ai/,. Thi.s 
quantity depends on the temperature coefficient of the relative vapoui 
pressure. For ideal solutions, Pi/Pm) is independent of temperature, so 
that Qi — Qj = <?, = 0. 

E([uation (81) can also be derivefl direct from (86). 


(i) Mutual Miscibility. Liquid-liquid Equilibria. Complete 
miscibility of two liquids depends either on chemical similarity 
between their molecules (in which case the mixtures approximate to 



Fig. 8. 



ideal behaviour), or on the presence of chemical affinity between 
the two sorts of molecules. The affinity which plays a part in the 
function of mixtures often depends on the polarity of the molecules, 
since polar molecules (i.e., molecules in which the centres of positive 
and negative charge do not coincide [VII. 3. e.] ) will become 
oriented in such a way that attraction r((sults. On the other hand, 
a mixture of strongly polar and non-polar molecules will in general 
form an incompletely miscible system in which the equilibrium 
state consists of two liquid layers in contact. Molecules which are 
non-polar or only slightly polar usually behave most simply, and 
liquids consisting of such molecules are therefore termed “ normal ” 
liquids. 

Tte system ether + water is an example of an incompletely 
miscible binary system. If we start with pure water, the addition 
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of a little ether gives a homogeneous mixture having a concentration 
X equal to the net composition of the mixture y. The same will be 
the case if a small quantity of water is added to pure ether. As long 
as the system is homogeneous, the relation between x and y wiU be 
represented on an x-y-graph as a straight line joining the points 
X = y = 0 and x = y = 1 (Fig. 8). If successive amounts of ether 
mre added to water a net composition y^ is eventually reached at 
which a new phase of composition Xj separates out. If now further 
quantities of ether are added, the compositions of the two layers 
remain unchanged, but the amount of the Xj-layer will increase at 
the expense of the Xj-layer until we reach the net composition 
yg = Xg at which the mixture is once more homogeneous. The 
homogeneous system now increases in ether concentration until 
X = y = 1. 

An increase of temperature usually increases the mutual solubility 
of the two components, t.e., the two equilibrium concentrations 
Xj and Xg approach one another, as shown in Pig. 9, which represents 
the solubility-temperature curve. For example, phenol and water 
at 20° form a system of two liquid layers containing 84% and 
72-2% of phenol. As the temperature increases, these concentra- 
tions approach one another, and at 68° they become identical, the 
two curves passing continuously one into the other. Above this 
so-called “ critical solution temperature ” the two liquids are com- 
pletely miscible in all proportions. The equilibrium curve divides 
the diagram into two parts, points outside and inside the curve 
corresponding respectively to homogeneous and heterogeneous states. 

There are, however, also examples of the reverse type of tempera- 
ture dependence, and several oases of a so-called “ lower critical 
temperature ” have been realised. Thus the system triethylamine- 
water is completely miscible below 18°, but forms two layers in 
equilibrium above this temperature. Completely closed solubility 
curves are also known, e.g., the system nicotine -water, which has 
two critical solution temperatures, one at 60° and the other at 210°. 
When the point representing the state of the system passes the 
equilibrium curve two phases are formed ; at the critical point 
these are equal in amount and differ infinitesimally in composition, 
while at any other point both the amounts and the compositions of 
the phases will be different. 

Since the two layers are in equilibrium with one another, the 
chemical potential of each component must have the same value 
in the two phases. We therefore have, independent of the amounts 
of the two phases, 

= (82) 
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where ' and " denote the two phases having compositions x' and x" 
respectively. 

Identity of chemical potentials corresponds to identity of partial 
pressures. The partial pressure curves for incompletely miscible 
liquids must therefore always have both a maximum and a minimum. 
The two partial pressure curves illustrated in Fig. 10 show that this 
is most likely to happen for positive vapour pressime curves : in fact, 
systems with a high vapour pressure maximum will always be 
incompletely miscible. 

The limit of miscibility can be expressed in terms of either chemical 
potentials or vapour pressures. The geometrical construction for 
Xi described in connection with equations (42) to (46) shows that 




the value of is completely determined by the tangent to the Of- 
ourve at the concentration corresponding to fii- If (82) holds, the 
tangent to the (rj-curve at a: = a:' must coincide with the tangent 
at a; = x". The condition for incomplete miscibility can therefore 
be expressed by the condition that a double tangent can be drawn 
to the G.-curve. This is illustrated by the curve in Fig. 11, where 
it has been assumed for simplicity that /xj(t) = /i 2 (a) = 0. The 
points of contact Pj and Pj therefore represent the limits of 
miscibiUty. The (?<-funotion for the stable system is represented 
by KjPiP^ 2 > portion between the points of contact, corre- 
sponding to heterogeneous states, being given by the straight line 
PjPj. It follows from the figure that in stable mixtures the poten- 
tial of a component must always increase with the concentration 
of that component, e.g., dfijjdx > 0. 
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The identity of the potentials and of the vapour pressures will of 
course extend to the compositions of the vapours in equilibrium 
with the two liquid phases. The vapour pressure-concentration 
curve must of course run parallel to the a;-axi 8 in the heterogeneous 
interval, as shown in Fig. 12. 

(j) Ternary Systems. The composition of a phase containing 
three components can be represented by means of an equilateral 
triangle, the vertices of which correspond to the three pure compo- 
nents. The distance of a point in the triangle from one of the sides 
is a measure of the relative amount of the component corresponding 




to the opposite angle. The three binary systems are represented by 
the three sides of the triangle. 

If Xj and Xj are two incompletely miscible liquids, e.g., ether 
and water, then the addition of a third substance, X 3 , can have 
either a positive or a negative effect upon the mutual solubility. 
For example, if the third substance is alcohol the miscibility will 
increase, until with continued additions a critical point will be 
reached beyond which there is complete miscibility. This is shown 
in Fig. 13, where PjPPj is the solubility curve. Inside the curve 
are drawn chords, the ends of which correspond to conj-ugate solutions, 
i.e., solutions which are in equilibrium with one another. At P, 
the critical point, the two ends of the chord coincide. 

In other cases the addition of a third substance has the opposite 
effect. For example, if potassium carbonate is added to a mixture 
of water and alcohol, the mutual solubility will be decreased so that 
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the system separates into two liquid layers. This phenomenon is 
known as the saUing-ovet effect. 

(k) The Solid-liqnid Eqnilibrium. If a two-component system 
consists of a solid and liquid phase in equilibrium with one another, 
then in most cases the liquid will be a homogeneous mixture and the 
solid either one of the pure components or a compound of both. 
In such an equilibrium system the solution is said to be saturated 
with respect to the solid phase. The solubility of the solid phase is 
given by the concentration of the saturated solution. 

For a given system, the solubility will depend on the tempera- 
ture and the pressure. We shall use the equilibrium conditions, 
expressed in terms of the chemical potential, to investigate this 
dependence. 

At constant temperature the effect of pressure on the chemical 
potentials of component in the solid and dissolved states is given 
by (55) and I. (34) as 

dii\ = V[dp, (83) 

and 

dpi Vi dp + , (84) 

respectively, Wj, the amount of A'j being kept constant. In order 
that equilibrium shall be maintained for a change of pressure dp, 
it is necessary that these two changes in potential should be equal, 
giving ae an expression for the effect of pressure 

(85) 

or, 

dni _ V! — Vi 

dp 1^] ’ (8®) 

' d/Ji /p 

or, emphasising the constancy of temperature, 

/dx'\ Vj — V i 

\dp/T 

\()x jr.p 

where x is the saturation concentration. 

g), is thus the pressure coefficient of the solubility at constant 
temperature, and it can only be calculated quantitatively if We know 
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/ij aa a function of the concentration at constant pressure and 
temperature. However, we know that for all stable solutions /Xj 
increBSes with x. Equation (87) thus shows (in agreement with Le 
Chatelier’s joinciple) that increase of pressure will increase the 
solubility if Vi > Fj, i.e., if the solution of Ej in the saturated 
solution is accompanied by a decrease of volume. 

The effect of temperature on the solubility at constant pressure 
is derived analogously using (56) and I. (34), 


diu,' = — Si'dr, 

(88) 


(89) 

Combining these equations, we have 



(90) 

or 


_ S, — 5/ 
df • /df^A 

1 dnj Jt 

(91) 

or, emphasising the constancy of pressure 


/dx\ S, — Si' 

[dTj, f^\ ’ 

\ Jt, p 

(92) 


where a; is the saturation concentration. The solubility will therefore 
increase with temperature if jSj > Si', i.e., if the heat absorption 
when Ki dissolves in saturated solution 

9 = («! - (93) 

is positive. 

If the relation between and x is known (as is the case for ideal 
mixtures and dilute solutions), then (87) and (92) can be used 
quantitatively for calculating the effect of pressure and temperature. 

In many cases it is possible to reaUse a “ complete solubility 
curve,” i.e., an unbroken curve giving the variation of the solubility 
with temperature right up to the melting point of the pure solid 
phase, which can be considered as the natural end of the solubility 
curve. The general shape of such a curve is shown in Kg. 14. It 
is clear that the curve can equally well be regarded as a freezing 
point or melting point curve, i.e., a curve showing how the melting 
point of the component Ej is altered by the addition of the compo- 
nent Ej. 
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While points on the solubility curve correspond to satiiratioii 
equilibrium, points above and to the left of the curve represent 
supersaturated states, and points below and to the right of the 
curve represent unsaturated states. A supersaturated solution is 
unstable, and will have a tendency to pass into a saturated solution 
with the deposition of the excess of the component in question. 
However, in the absence of the solid phase many supersaturated 
solutions exhibit considerable stability in practice and can be kept 
unchanged for long periods. 

Fig. 15 represents the case in which the melting points of both 
components fall within the temperature interval investigated . These 
melting points are and T^. If the solubility curves have the 
same form as in the preceding example, they will intersect at a 



Fig. 14. Fig. 16. 


point 0, corresponding to a concentration and a temperature T^. 
The point 0 is termed the eutectic point, or, in the case of solutions 
of salts in water, the cryohydric point : similarly, Zp and Tg are the 
eutectic (or cryohydric) concentration and temperature. 

If a liquid mixture represented by the point P (concentration x) 
is cooled, it will remain homogeneous until the line represepting 
its state cuts a solubiUty curve. This takes place at the point Pj, 
and hence at this temperature the component Xj will begin to 
separate out as a solid. If the coohng is continued, more will 
separate out, so that the Liquid remaining in equilibrium with the 
solid phase will become richer in Xj. The state of the liquid 
therefore moves along the solubility curve towards the eutectic 

If it were possible to cross the solubility curve and reach the 
homogeneous point Pj, this solution would be supersaturated with 
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respect to K-^. The addition of a trace of solid would bring about 
crystallisation, and a point in the solubility curve would be reached. 
The Same is true of any point to the left of the solubility curve for 
BjTi, which thus divides the diagram into two regions, the one 
on the left corresponding to supersaturated solutions, and the one 
on the right to unsaturated solutions. 

Analogous considerations for show that solutions to the 
right of RjTj are unsaturated, while solutions to the left of 
are supersaturated with respect to A'j. Solutions in the region 
BfiBt are thus supersaturated with respect to both components. 

If the state of the system passes the curve from right to 

left it will be in a region where solid Xj must be deposited in order 
to maintain equilibrium. If the change from P through Pj and 
along the solubility curve B-^^ is continued, at the point O^, Xj 
will begin to be deposited. Since the liquid is already in equilibrium 
with solid Xj, the concentration of this component must not be 
altered by the deposition of : hence Xj must also be deposited 
as a solid. Hence the whole liquid will solidify to a mixture of solid 
Xj and solid Xj without any change of concentration, i.e., at the 
eutectic point the solution behaves like a pure substance in this 
respect. At temperatures below the eutectic temperature the 
stable state of all mixtures is a mixture of the two solid 
components. 

In the diagram the area K-^T^T^K^ represent s this mixture of 
solids, the region T^OTi represents solution + solid component X^, 
the region TjOT^ solution + solid component Xj, and finally the 
region to the right of TfiT^ represents homogeneous solutions. 

Since the region of stability for a mixture of solids lies below 
Tq, two solids which are mixed at a higher temperature will melt 
partly or completely. This process absorbs heat, so that the 
temperature will sink. This behaviour is made use of in practice 
for producing low temperatures by means of freezing mixtures. The 
temperature lowering which can be produced depends on the form 
of the solubility curve and the heats of solution (or fusion) of the 
components. If the final temperature after mixing is T' and the 
composition of the mixture is x, the state of the system is represented 
by the point x, T' on the phase diagram. The point can lie in the 
region in which case a homogeneous solution is obtained, 

or it can lie on one of the curves OT^ and OT^, when a solubility 
equilibrium will be set up. It is easily seen that the temperature 
is the lowest temperature which can be produced in this way. 

The table below gives the melting points and the eutectic tempera- 
tures and compositions for a number of substances of different 
kinds. 
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Kt 

K, 

1\—272 

Tr-273 

r,— 273 x 

Silver 

Copper 

960^* 

1,081° 

778° 60% 

Bismuth 

Lead 

268“ 

322° 

125° 56% 

Acetic acid 

Water . 

,70 

0 ° 

- 26° 31 •] mole % 

Potassium iodide . 

Water . 

666 “ 

0 ° 

- 22° 5 3 „ 

Silver nitrate 

Water . 

209' 

0 ° 

- 7-5° 8 3 ., 

KaCi . 2HaO 

Water . 

unknown 

0 ° 

- 22° 8-4 ., 

Potassium nitrate 

Sodium nitrate 

3H7' 

308° 

218° 46 

Diphenylmethane 

Naphthalene- 

■IV 

80° 

14° 78 


If the two components form a solid compound, the latter will of 
course have its own solubility curve. The solubihty diagram can 
then assume various forms. Fig. 16 illustrates the case in which 
the melting point of the compound can be realised. The general 
form of the curve in this case can easily be constructed by imagining 



8^2 Ti 


i'lg. l(f. 

the system to be built up of two binary systems, E2 ~ ^1^2 
XjXj — Xj, each of which behaves in the same way as the systems 
dealt with in the last paragraph. If we start with pure Xj of melting 
point Tj, the addition of XjXj will lower the melting point along the 
curve TjXj until it reaches the eutectic point Xj, at which it meets 
the solubility curve of the compound The solubility of the latter 
will increase with increasing temperature and the composition of 
the liquid will approach that of XjX^, which is reached at the 
point T3, the melting point of the compound. At this point the sohd 
compound gives on melting a liquid having the same composition 
«*■ the solid. This phenomenon is known as congruent fusion. Addi- 
tion of either Xj or Xj will lower the melting point, and T, is 
therefore a maximum on the melting point curve. If the compound 
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is partiy 'dissociated into its components in the liquid, the addition 
of Xj aitd X, 'will cause an abnormally small freezing point depres- 
sion, and the melting point curve will be continuous 'with a vertical 
tangent at the point Tj. The greater the extent of dissociation, the 
flatter 'the curve will be at the maximum. The portion of the curve 
is exactly analogous to T^E^T^. 

We may also show that the solubility curve of a compound is 
vertical at the point where the solid and liquid phases have the 
same composition by appl 3 ring equation (92), which is equally 
applicable to the solubility of the pure components and of a com- 
pound between the components. If the solid phase is a compound 
of composition vjXj -f vjXj, a change in its chemical potential in 
solution is given by 


Pi dfi^ -f p^di^i = dfi, 

while (48) gives in general for a homogeneous solution at constant 
temperature and pressure, 

= 0 . 


If t.e., if the solid and liquid phases have the same com- 

V, Mj 

position, this gives 



and hence from (92), 

dx 

df~°°' 

This means that the solubility curve of the compound has a vertical 
tangent. 

In other cases, when the compound is heated in contact 'with 
saturated solution, it does not melt completely because it is con- 
verted to another compound or to a pure component before the 
melting point is reached. This type of behaviour is termed incon- 
grumt fusion, and is illustrated in Fig. 17. The solubility curve of 
the compound extends from to T 4 , at which point the stable 
solubility curve of Xj begins. Hence at temperatures above 
the compound will break up into solution and X^, so that the portion 
of the curve T^Tj leading to the point of complete fusion Tg cannot 
be realised as a stable state, since all its points ob'viously correspond 
to states which are supersaturated 'with respect -to the component Xj. 
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Thus 'when the compound is heated, partial fusion ■will take place 
when the point Ti is reached. 

This b^aviour may be illustrated by an example. If ■water is 
one component and a salt the other, the compound is a so-called 
aaiU hydrate, e.g., NujSO^ . lOHjO or CaClj . 6HjO. The solubility 
diagram for the latter compound is given in ¥ig. 18. The lowest 




curve is the solubility curve of calcium chloride hexahydrate, 
CaClj . 6HgO, which extends from — 60° (the cryohydric point) to 
30'2° (T^), the melting point of this compound. The curve for the 
hydrate ^-CaClj . IHjO runs from a point a little below Tj to the 
point B. Another salt of the same composition, a-CaClj . 4H,0, 
hasHthe solubility curve E^A, but those parts of the curve which lie 
to the left of the solubility curve for the /S-hydrate are unstable, 
Hnce they correspond to supersaturated solutions. BO, CD and DT, 
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are the solubility curves for the dihydrate, the monohydrate and 
the anhydrous salt, being the melting point of the latter com- 
pound. Every point at which two curves intersect corresponds to 
equilibrium between the solution and two solid salts. Thus at C 
there is equilibrium between monohydrate, dihydrate and solution ; 
at Ej between hexahydrate, a-tetrahydrate and solution, etc. 

There can be essentially different types of equilibrium between 
two solid phases and a solution. An eutectic point corresponds to 
the intersection of two solubility curves when the composition of 
the solution lies between that of the two solid phases. The point of 
intersection is thus a temperature minimum for two stable solubility 
curves, the direction of which is otherwise undetermined. The other 
type of equilibrium corresponds to an intersection between two 



solubility curves when the composition of the solution is outside 
that of the two solids, so that the solution cannot be made from 
positive amounts of these two solids. 

The different stability possibilities in a system where two solubility 
curves intersect are easily expressed by means of the following 
general rule. At a given temperature and pressure, if a solution I 
is in equilibrium -with a solid phase, then a second solution II having 
a composition between that of the solid phase and that of the first 
solution will be unstable and will spontaneously split up into the 
two equilibrium phases. This follows because from a stoichiometric 
point of view solution II can be made by dissolving the solid phase 
in solution I : since solution I is already saturated, solution II 
must be supersaturated with respect to this solid phase. 

This rule leads immediately to the result stated above about the 
stabilities and compositions of solid and liquid at an eutectic point 
and at a break in a solubility curve which is not a temperature 
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minimum. Kg. 19 shows two such points, the stable curves being 
represented by continuous lines and the unstable curves by broken 
lines. A and B represent the two solid phases to which the solubility 
curves refer. Since the point 1 is unstable, the above rule shows 
that the composition of A must lie above the point of intersection 0, 
and since the point 3 is unstable, the composition of B must also lie 
above this point. The composition of the liquid thus lies outside 
those of the two sohd phases. Further, since 5 is unstable, the 
composition of A must be above O, and since 6 is unstable, the 
composition of B must lie below O. Hence at an eutectic point the 
composition of the liquid lies between those of the two solid phases. 

It is clear that the important factor in these considerations is 
not the angle between the curves, or their actual slopes, but is the 
positions of the unstable and stable portions of the curves relative 
to the axis of abscissas. For example, the same results would be 
obtained if both curves rise with increasing temperature at the 
point 0. 

The melting point (or solubility) curves of binary mixtures have 
proved of particular importance in investigating salt hydrates and 
intermetalhc compounds. They can, however, be used quite 
generally for detecting the existence of solid compounds between 
the components. Every temperature maximum corresponds to a 
chemical compound, the composition of which is determined by the 
composition of the liquid formed at the melting point ; this can 
readily be determined in practice by analysis or in some other way. 

We can thus state the following general law. If the compositions 
of two sohd phases are represented by points lying above the 
composition of the point of intersection of their solubihty curves, 
then the upper of the two curves corresponds to unstable states 
and the lower one to stable states. The break in the stable curve 
system will then point downwards, i.e., increase of temperature 
causes a decrease in the gradient of the curve. If the compositions 
of the two crystals he beneath the point of intersection, then the 
converse is of course true. 

It should be noted that when deahng with a compound between 
the two components, the terms “ greater or small solubihty ” have 
an indefinite meaning, since when two solubihties are being com- 
pared, an increase in the concentration of A'l necessitates a decrease 
in the concentration of K^, and vice versa. We shall arbitrarily 
term that solubihty the greatest which is nearest to the composition 
of the two sohd phases. 

(I) The Vapour Pressure ol Saturated Solutions. If one com- 
ponent, e.g., Xj, is a volatile liquid while is a non-volatile sohd 
which dissolves in the hquid, then by the stabihty rules the vapour 
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piewnte must always decrease when a, the concentration of Xj, 
inoieases. Hence if Xj exists in two polymorphic forms, then a 
solution saturated with the stable form will have a greater vapour 
pressure than a solution saturated with the unstable form. It is 
easily seen that the same will be true if the solid phases contain a 
smaller proportion of Xj than the saturated solutions. 

A change of temperature has a dual effect upon the vapour pressure 
of a saturated solution, since on the one hand it affects the vapour 
pressure of a solution of constant concentration, while on the other 
hand it affects the solubility. The law for the variation of the vapour 
pressure with temperature can be derived in the following way : — 
From I. (66) we have for the solution 

SdT~ Vdp + nidfJi + n^d^-z - 0. (94) 

Further, for one gram-molecule of the vapour 

d^.i = -S:dT+vidi>, ( 85 ) 

and for one gram-molecule of the crystal, 

dfj';^-S';dT+v;dp. (96) 

Introducing (96) and (96) into (94) and using the equilibrium conditions 
d(Xj = dpi" and dji, = d|x,', we have 


(S - n,SV - n,S;)dT - (V - n, V'.’ - n, V.’)dp = 0, 


or, since we can neglect the volume of the solid and the solution com- 
pared with that of the vapour. 





-5j = 



If we now introduce pF," = RT, and AH — TAS (valid for equili- 
brium), this equation becomes 


9 = 


(97) 


where 


9 = 

fta \^9 / 

is the heat absorbed in converting to solid and saturated vapour that 
quantity of solution which contains one gram-molecule of solvent. 
q is thus the molar heat of vaporisation of the solvent minus the integral 
heat of solution for the amount of dissolved substance needed to 
saturate one gram-molecule of solvent. 

If i is the molar heat of vaporisation of the solvent and « the molar 



IV. 3. LIQUID MIXTURES 1*6 

integral heat of solution of the solute at saturation concentration, thei^ 
(97) can be written in the form 


g = I — s 



— D7.2 dlnp 

dT ■ 


dp 

As long as x is small, ^ will be positive. 


If on the other hand x (i.e.. 


the solubility of the solid) is large and a positive (which will always be 

X 

the case near the melting point), t ~ a ^ can be zero or negative. 

Hence if the solubility increases with increasing temperature the vapour 
pressure curve of the saturated solution may pass through a maximum 
and then fall again. 

Curves of this kind are often met with for aqueous solutions of 
readily soluble salts. The form of the curve is shown in Fig. 20, where 



the curve is prolonged to To. the melting point of the solute (assumed 

X 

non-volatile). At this point is infinite, so that the curve for Inp 

must bo vertical. 

If the maximum Af is at a pressure lower than 1 atmosphere, then 
the saturated solution obviously cannot be made to boil under 
ordinary atmospheric piessuro {e.g., potassium hydroxide solution). 
If M lies above 1 atmosphere, then the saturated solution has two 
boiling points, A and B in the figure (e.g., sodium chlorate solution). 

(m) Equilibrium between One Solid and Two Liquid Phases. In 

addition to the cases mentioned above, the complete course of a 
solubility curve can be interrupted by intersection with a curve 
representing the equilibrium between two liquid phases. This case 
is represented in Fig. 21. The curve D-^MD^ is the equilibrium 
curve for the two liquid phases, and E is the eutectic point. The 
soj^ihty curve for K-^ rises with increasing temperature from E to 
Fj, where there must be equilibrium between the crystals of K-y 
and the two liquid layers having compositions Fy and Fy. The 
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solubility curve for must then finiflh witli the branch 
leading to Tj, the melting point of the pure component. 

The temperature T corresponding to and is the melting 
point of Xj “ under the solvent,” i.e., in presence of the solvent K^. 
Points to the left of the ordinate EjE represent heterogeneous 
mixtures of the two solids and Xj, the area E-^EF^FfT-^ equili- 
brium between Xj and solution, the area F^MF^F^ equilibrium 
between two liquid layers, and finally the whole region to the right 
of TiF^MF^T^ to liquid homogeneous solutions. The curves 
DjFi and j correspond to unstable equilibria. The type of 
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equilibrium corresponding to a given eomposition and a given 
temperature can be read directly from the diagram. 

Diagrams of this kind are often met with, e.g., for phenol -f- 
water and benzoic acid -f water. For the latter system ilf is at 
114°, Xj and Xj at 90°, and Tj at 12r. 

4. Crystalline Mixtures 

When a crystal is formed by deposition from another phase, it 
will most often consist of a pure or almost pure substance. This is 
because miscibility in the crystalline state is in general very limited. 
However, for certain groups of substances the formation of homo- 
geneous mixtimes in the crystalline state is by no means unusual. 
A distinction has been made between two cases : in the first case 
the pure crystals of the two components are isomorphous and 
miscibility usually extends over the whole of the concentration 
interval, while in the second case there is no isomorphism and the 
miscibility is limited. The homogeneous crystals formed are termed 
respectively mixed crystals and solid solutions in the two oases. 
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There is, however, no fundamental distinction between the two 
groups of phenomena. 

On account of the methods by which they were derived, the 
thermodynamic laws derived for liquid mixtures are also valid for 
mixtures which are crystalline. This applies both to the general 
relations derived in this chapter and to the special laws for dilute 
solutions treated in Chapter V. An important difference between 
solid and liquid mixtures lies in the much lower rate at which 
equilibrium is established in the former. 

(a) Vapour Pressures of Solid Solutions. Only a few cases are 
known where a component of a sobd solution is appreciably volatile. 
Certain silicates dissolve water to a small extent, and equilibrium 
can be established between the solid phase containing water and 
water vapour. This case is met with in particular in the so-called 
zeolites. In agreement with the equilibrium laws the vapour 
pressure increases continuously with increasing water concentration 
in the crystals and at low concentrations is directly proportional to 
the concentration. 

Hydrogen dissolves in certain metals, e.g., platinum and palladium, 
and over certain ranges of concentration behaves in the same way. 

(b) The Equilibrium Crystal Liquid. Tiie equilibrium between 
solid and liquid mixtures is analogous to that between liquid and 
gaseous mixtures. In the latter case it is most advantageous to 
consider the variation of pressure at constant temperature, while 
for the crystal-liquid equilibrium it is of greater interest to investi- 
gate the effect of temperature upon the equilibrium at constant 
pressme. 

The composition of the solid and liquid phases in equilibrium with 
one another obey a rule analogous to Konowalow’s rule for the 
liquid-vapour equilibrium , namely : the solid ’phase. umXai'ns relatively 
more of that component which causes an increase of melting •point when 
added to the system. This rule can be proved by considering an 
arbitrary equilibrium of this type between liquid and crystal. If 
under constant external conditions a small quantity of the solid 
phase melts, the result must be to diminish (or, in the limiting case, 
to leave unaltered) the tendency to melt, since if this tendency were 
increased the equilibrium could not be a stable one. A decrease in 
the tendency to melt must mean a rise in the melting point, since 
the heat of fusion is positive. The addition to the liquid of mixture 
having the same composition as the solid will thus increase the 
melting point, and the crystal must therefore be richer in the 
com^nent which causes an increase of melting point. 

This rule can also be deduced from equation I. (66), just like 
KonowAlow’s nile for the liquid-vapour equilibrium. Since we ore 
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GonsMetiag the behaviour at constant pressure, the equation can be 
written 


S dT+ n'ldfAi +n',djU«=0, 

S"dr+ n"dfi^+iHd^, =0. 


By the same method as was used in deriving equation (80), this gives 


-(S'-S'’) = (ar'-x'') 



(99) 


where S' and S" are the entropies of one gram-molecule of mixture in 
the two states of aggregation. This equation gives a general quantita- 
tive expression for the effect of temperature on phase equilibria in 
binary systems. 



Fig. 22 illustrates the behaviour of this type of system. 2'2ATi 
is the liquidus curve, representing the relation between the melting 
point and the composition of the liquid phase. Since addition of 
causes the melting point to fall, the liquid represented by the 
point A must contain a greater proportion of than the solid in 
equilibrium with it, represented by point B. B must hence lie to 
the right of A, and the solidus curve representing the relation 
between the melting point and the composition of the sohd phase 
must lie to the right of the liquidus curve over the whole concentra- 
tion range in which the latter rises with increasing content of K^. 

In exactly the same way it is clear that solid Rj corresponds to 
liquid Ai, and that the liquidus and solidus curves must coincide 
if one of them has a horizontal tangent. 



IV. 4. CRYSTALLINE MIXTURES 


129 


In the melting point diagram given in Fig. 23 the regions above 
and below will thus correspond respectively 

to homogeneous liquid and homogeneous solid systems, while points 
between the two curves correspond to heterogeneous states. A point 
on the hne AyBy will thus correspond to a mixture of liquid Ay and 
solid By. If a liquid corresponding to the j)oint D is cooled, solidifica- 
tion will begin at Aj, solid of composition By being formed. On 
continued cooling the concentration of the liquid will be displaced 
from Ay to Ay, while that of the solid will pass from By to By. At 
the latter point the whole system will be solid, since the concentra- 
tion at By is equal to the concentration at Ay. This description is 




of course only correct on the assumption that there is always 
equilibrium between the solid and the liquid : this will only be true 
if the changes are carried out slowly or at a high temperature. 

If the curves do not rise or fall continuously (as in Figs. 22 and 
23), but pass through a maximum or a minimum melting point, this 
can occur in two essentially different ways. If the components are 
completely miscible both in the liquid and the solid state, then the 
composition of the phases in equilibrium with one another must 
vary continuously along the stable curves, and any maxima or 
minima occurring must lie on continuous curves. Fig. 7 can repre- 
sent a diagram of this kind, the ordinates representing temperature. 

If. on the other hand the two Uquidus curves intersect, as in 
Fig. 24, we have a minimum of a different tjTpe. At the point 
E, which is analogous to an ordinary eutectic point, the solid 
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phaeeft and are both in eqiulibtium -with the liquid E, and 
ate hence in equilibrium with one another. If this is the case the 
solid phases cannot be completely miscible, and the points P^ and 
Pf representing the limits of mutual miscibility at the eutectic 
temperature must lie on a T-x-cuive representing the variation of 
the mutual miscibility with temperature. Such a curve is analogous 
to the mutual miscibility curve for two liquid phases [3. m.], and 
can resemble it in having an upper critical point. This curve is 
represented by P^P^P^P^, M being the critical point. However, 
all that part of the curve represented by a broken line is unstable, 
since it lies in regions corresponding to wholly or partially liquid 
states. In the figure the jraints above the line T^Ty represent 



completely liquid homogeneous states. Outside T^P^^ and TyP^P^ 
the system consists of solid mixed crystals containing predominantly 
Xj and Ky respectively, while in the areas T^P^E and TyPyE these 
two types of mixed crystals are in equiUbrium with solution. Finally, 
below PyP^yPs the system consists of heterogeneous mixtures of 
the two types of homogeneous mixed crystals. 

If the two liquidus curves intersect at a point intermediate 
between the two melting points a diagram resembling Fig. 26 is 
obtained, where as before the regions TyPyK, T^JK. and P^PyP^y 
represent heterogeneous states, the rest of the diagram representing 
homogeneous states. 

Intersection of the two solidus curves in a stable region would 
only be possible if the liquid solutions were incompletely miscible 
and the solid solutions completely miscible : diagrams corresponding 
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to this case have not been realised in practice. It can be stated in 
general that a discontinuity in one of the equilibrium curves (e.g.,‘ 
K in Fig. 25) corresponds to a gap in the series of solid solutions in 
the other equilibrium curve {P^ — Pj). 

If the curves pass through a maximum, then in this region there 
must either be complete miscibility both in the liquid and the solid 
phases, or there must be a chemical compound between the com- 
ponents. In the latter case the composition at the maximum will 
correspond to a simple molecular ratio between the components. 
Curves of this type are shown in Fig. 26. 


a . Systems of Immiscible Components 

(a) Reactions between Solid Salts. Reactions of this type, e.g., 

KCl -I- NaNOj ^ NaCl + KNOj, 
or 

MgSOi, 6HjO + KjS 04 ^ MgSOi, K^SO^, GH^O 
exhibit thermodynamic behaviour very similar to that of poly- 
morphic transformations. 

In general, however, the presence of a certain amount of solvent 
is necessary for the reaction to take place. The action of the solvent 
may be described as catalytic [VIII. 1. f.]. 

If one of the salts in the above salt systems is not present in solid 
form, its chemical potential in the mixture will nevertheless be 
completely determined by the temperature and the pressure 
[VI. 2. a.]. If this potential is smaller than that of the salt in the 
solid state, the system of solid salts will be stable. If on the other 
hand it is greater, a reaction such as the above will take place with 
deposition of the missing solid phase, thus stabihsing the system. 

At an arbitrary temperature and pressure, processes of this kind 
will take place completely either from left to right or in the reverse 
direction. At a given pressure there is only one temperature at 
which the two systems can be in equilibrium, corresponding to the 
“ transition temperature ” of polymorphic substances. The reason 
for this behaviour lies in the fact that the chemical potentials are 
independent of the extent to which the reaction has taken place. 
As is usual for processes in condensed systems, the effect of pressure 
is in practice small compared with that of temperature. 

(b) The Vapour Pressure of Salt Hydrates. If equilibria of the 
above type also involve a vapour phase, the effect of pressure is of 
gr»4t importance. Important examples of this are provided by 
systems consisting of salt hydrates and water vapour. AVhen a salt 
containing water of crystallisation gives up water to give a lower 
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h 7 <lrate (or an anhydrous salt), then if the initial and final systems 
are fixed a definite equilibrium pressure will be established at a given 
temperature. Thus, for example, sodium sulphate decahydrate at 
20 ° will lose water until the vapour pressure has become about 
14 mm., provided that the product of dehydration is the anhydrous 
salt (a« is usually the case). If the partial pressure of water vapour 
is maintained at a lower value dehydration will take place com- 
pletely, while conversely at a water vapour pressure greater than 
the equilibrium pressure the anhydrous salt will take up water and 
become completely converted to hydrate. 

If a substance forms several hydrates the same principles apply, 



though the state of afiairs is naturally more complicated. As an 
example we shall consider cupric sulphate, which forms hydrates 
with 5, 3 and 1 molecules of water, and for the sake of completeness 
we will investigate systems formed from water and cupric sulphate 
in all possible proportions. 

In Fig. 27 the vapour pressure of pure water is represented by 
XjP. The abscissae represent the net composition of the solid and 
liquid phases taken together. On adding CuSO^ the vapour pressure 
falls until it reaches the point A, where the liquid is saturated with 
the pentahydrate, CUSO 4 , SHjO. If more CUSO 4 is added it will 
combine with water from the saturated solution to form penta- 
hydrate, and the concentration of the solution will therefore remain 
unchanged. This is represented in the diagram by the horizontal 
line AB. At B all the solution has disappeared and the addition of 
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CUSO4 or the removal of water will lead to formation of penta- 
hydrate from the water vapour present until the pressure has fallen 
from B to C. If the proportion of CuSOj present is increased past 
the point C, trihydrate will begin to be formed according to the 
equation 

3 CUSO 4 , 6 HjO + 2 CuS04-^ 5 CUSO 4 , SHjO. 

As long as both these hydrates are present the vapour pressure 
remains constant ; at D the pentahydrate disappears and at E 
the monohydrate begins to be formed, etc. The three horizontal 
lines CD, EF and OH thus correspond to equihbria between two 
salts and vapour, while the vertical lines BC, DE, FG and HK 
correspond to the existence of a single salt, since the points contained 
in these lines represent the vapour pressures at which the single 
salts can exist. At a given temperature a pair of salts can thus 
co-exist only at a single point, while a single salt has a range of 
existence. 

The same stages will of course occur if a dilute solution of cupric 
sulphate is gradually evaporated down. The existence of salt 
hydrates is most easily established experimentally by continuous 
removal of water in this way, the equilibrium vapour pressure being 
measured throughout. 

If a salt hydrate is exposed to the atmosphere, it will lose water 
if its vapour pressure is greater than the partial pressure of water 
vapour in the atmosphere. This process is known as efiBorescence. 
If this partial pressure is greater than the vapour pressure of a 
saturated solution of the salt, then water will be absorbed until all 
the salt has dissolved (deliquescence). 

If it were possible to avoid the formation of CUSO4, SHjO and 
CUSO4, HjO in the labile system CUSO4, 5H2O -f CUSO4, an 
equilibrium pressure will be developed which can be calculated in 
the following way. By means of equations previously derived 
[II. ( 52 )], we see that the work obtainable from the process 

CUSO4 + 5H2O ^ CUSO4, SHjO 
is given by the expression 

A =5flT/n-^, 

Pb,0 

where p is the vapour pressure of pure water and j the equilibrium 
piMsure in the labile mixture of pentahydrate + anhydrous salt. 
Since this process can also be written as the sum of the following 
two processes. 
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CUSO 4 + 3H,0-»- CUSO 4 , 3HjO 
CUSO 4 , SHjO + 2HjO^ CUSO 4 , 6H*0 
the work is also given by 

A = ZRTln S- -f 2RTln^, 

Ps.o Pi , 3 

where Pj,,, and are the vapour pressures in the systems trihydrate 
+ anhydrous salt and pentahydrate -f- trihydrate ; we thus have 

bRTln = WTIn ^ + 2RTln 

Ps.o Ps.o PiS 

whence 

Pg.oP|.3 , 

Plo 

This shows that Ps,o must lie between ^ and Pa.o- 

As the temperature rises, the vapour pressure of the hydrates 
must also rise, and we obtain the curves a, b and c in Fig. 28, giving 



the variation of the equilibrium pressures with temperature. The 
curve d is the vapour pressure curve for solution saturated with 
pentahydrate, while c and / are the vapour pressure curves of water 
and ice respectively. The areas between the curves d, c, 6, a and 
the temperature axis correspond to the existence of a single hydrate, 
while the curves correspond to the simultaneous existence of two 
hydrates, or of a hydrate and a saturated solution. The intersection 
of d and/ constitutes a cryohydric point. 

The intersection of the vapour pressure curves for two salt pairs 
merits special consideration. In the first place it is clear that the 
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three salts constituting the two salt-pairs can also form a third 
salt-pair. If the vapour pressure curves are given for two of the 
possible combinations, the curve for the third combination must 
also be determined. Further, if two of the curves intersect, the 
third curve must pass through the point of intersection. Thus, for 
example, if we assume that the curve for a pentahydrate-trihydrate 
system (P-T) intersects the curve for a trihydrate-anhydrous salt 
system (T-A) as shown in Fig. 20, then the curve for the penta- 
hydrate-anhydrous salt system (P-A) must also i)aj3s through the 
point of intersection, since at this poitit all three salts are in equili- 
brium with the same vapour. It can be shown that outside the point 



of intersection the P-.4-eurve must lie between the P-T and T-A 
curves. This statement can be proved as above by considering the 
work obtained in the various processes, or it can be demonstrated 
in a more general way as follows. 

Let us consider a temperature below the transition point and 
assume that at this temperature the three vapour pressures decrease 
in the order 

Pp .1 > Pp t > Pt-a- 

On account of the first of these inequalities the process 

T^P-\-A 

can take place spontaneously by the distillation of water vapour 
from P-A to P-T, while on account of the second inequality the 
process 

P + A^T 

>4 

can take place spontaneously by distillation of water vapour from 
P-T to T-A. But this contravenes the second law, since the two 
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processea differ only in direction, and if both are spontaneous they 
could be combined to produce a perpetual motion machine of the 
second kind : hence the original assumption about the vapour 
pressures must have been wrong. 

Exactly the same result is obtained by considering the case 

Pp-t >Pt-a >Pp-a< 

leaving as the only possibihty the case in which the r-.4 -curve lies 
between the two other curves. 

These considerations tell us nothing about the stabihty relations, 
which are determined by the relative positions of the curves. Out- 
side the transition point there are two possibilities, i.e., 

(1) Pp-t > Pt-a-, 

(2) Pt-a > Pp-t- 

If one of these inequalities holds, an arbitrary mixture of the three 
hydrates will not be stable. In case (1) the P-T-syatem will lose 
water vapour, P being converted to T, while the T-A system will 
absorb the water vapour liberated, A being converted to T. The 
process taking place is thus P + A T, and it will obviously 
continue as long as both P and A are present. This salt-pair is thus 
unstable. The process stops when either P ot A is used up. In the 
first case T-A is left, and in the second case P-T. Each of these 
salt-pairs is therefore stable separately. 

If Pt-a > Pp-t> water vapour will be transferred in the reverse 
direction and the opposite processes will take place. P-A is there- 
fore stable, and P-T and T-A unstable. The instability of the last 
two pairs depends on the fact that T can both lose water (forming A) 
and take up water (forming P) : hence T itself is unstable, being 
spontaneously converted into a higher and a lower hydrate. The net 
process taking place is thus the same as before, but in the reverse 
direction, T — > P A. Cas^r (1) can pass over into case (2) as the 
temperature changes. At the transition point pp.r = pp.A = Pt-a, 
and all three hydrates are stable simultaneously in the presence of 
saturated vapour. 

Fig. 29 illustrates the case in which the first possibility holds at 
low temperatures and the second possibility at high temperatures. 

The dissociation of a salt hydrate to form water vapour is formally 
quite analogous to more “ chemical ” processes, such as the dissocia- 
tion of carbonates to form carbon dioxide, e.g., 

CaCOa^CaO -f COj. 

The laws governing dissociations of this type are therefore analogous 
to those derived above. They will be treated in a later chapter as a 
special case of homogeneous equilibria. 
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6. The Phase Rttle 

In considering the phase diagram for a single substance [II. 4. i,] 
it was established that points in the areas between the equilibrium 
curves represent a single state of aggregation (solid, liquid or gas), 
that points on the curves represent two phases in equihbrium, and 
that the point of intersection of two curves represents three phases 
in equilibrium. In the last case the state is completely determined, 
and such a point of intersection is a characteristic constant for a 
pure substance. This fact can also be expressed by saying that 
when a single substance is present as three phases, there are no 
degrees of freedom. If two phases, e.g., liquid and vapour, are in 
equilibrium, there is one degree of freedom, since for example the 
temperature can be varied arbitrarily within certain limits, equili- 
brium being reached when the pressure assumes a definite value 
corresponding to the temperature selected. If a substance is only 
present as a single phase, both the temperature and the pressure 
can be altered arbitrarily, and the system thus has two degrees of 
freedom. For a pure substance there is thus the following connection 
between the number of phases / and the number of degrees of free- 
dom n : — 


/ 

1 n 

i 

J + n 

3 

1 

0 

3 

2 

1 ' 

3 

1 

i 2 ! 

3 

1 


The sum of the number of ])hases and the number of degrees of 
freedom is thus 3 for a single substance. 

It can be shown that this is a sjiecial case of a general law known 
as the phase, rule (Gibbs), which can be written 

/ -i- K = fc -h 2, (100) 

where k is the smallest number of components from which the 
system can be constructed with arbitrary ratios between the amounts 
of the phases. For a single substance this relation becomes / -(- n = 3, 
as found above. 

Ifflquation (100) can be derived in the following way. In a system 
of f phases and k components, equilibrium at constant temperature and 
pressure is attained when the potential of each component is constant 
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in all ]^i}iaaea. ' The eqviilibrium condition can thus he expressed by the 
following equations : — 


(1) = /ti (s) fJiif), 

= /Usd) = |Us(f), 

M*(i) = /*il:(s)= f^k(f)’ 


the number of which is obviously k(f — 1 ). 

The nvunber of independent concentrations in a phase is fc — 1, since 
the concentrations are expresse<l as the relative quantities of the 
components present. The total number of concentrations is thus 
/(* - 1 ). 

The state of the system can be varied by varying the f{k — 1) con- 
centrations, the temperature and the pressure. There are thus 
J(k — 1) + 2 variables which must satisfy the k(J — 1) equations 
between the potentials (which are functions of the concentrations, 
temperature and pressure). We thus have 

L = number of equations = kf — k 
V — number of variables = kf — f + 2 

and hence 

V^L^k-f + 2. ( 101 ) 

V — L ia the number of variables not determined by the equations : 
this is by definition equal to the number of degrees of freedom, so that 
equation (101) is identical to (100). 

The above derivation shows that the phase rule is of general validity, 
and it is of great importance for the characterisation and classification 
of heterogeneous equilibria. 

If an equilibrium has 0, 1, 2, 3, etc., degrees of freedom, the equili- 
brium and the corresponding system are termed invariant, mono- 
variant, divariant, trivariant, etc. Monovariant equilibrium is often 
called complete equilibrium smd is characterised by the fact that if 
one variable (e.g., the temperature) is arbitrarily varied while another 
variable (e.g., the pressure) is kept constant, then one phase will 
disappear completely. In a bivariant (or incomplete) equdibrium a 
small temperature change at constant pressure will lead to a change 
in another variable (the concentration in a phase) sullicient to com- 
pensate the effect of the temperature change, and equilibrium will be 
maintained. 

Invariant equilibrium corresponds to the greatest possible number 
of phases, namely / = 3, 4, 6, etc., for A; = 1, 2, 3, etc. In the phase 
diagram this equilibrium is represented by a point, which is known as 
, a triple, quadruple, quintuple point, etc., according to the number of 
phases. A corresponding number of equilibrium curves intersect at 
this point. 

Many physico-chemical investigations are carried out under atmo- 
spheric pressure, and as an approximation the variations of pressure can 
be neglected. (100) then becomes 
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/ + n = it + 1. (102) 

If on the other hand the extent of a surface is of importance [II. 2. a.], 
the number of degrees of freedom will be increased by unity, and we 
have 

f + n — k + 3. (103) 



CHAPTER V 

THE THEORY OF DILUTE SOLUTIONS 


It was mentioned in the preceding chapter that the general laws 
valid for homogeneous mixtures assume particularly simple forms 
when one component is present in very small amount relative to 
the other. Mixtures of this kind are termed dilute solutions. The 
theory of these solutions constitutes an important chapter in 
classical physical chemistry, and its historical development was 
based on the quantity known as the osmotic pressure. It can 
however be shown that the laws governing this type of solution 
can be related to more simple experimental facts, and also to 
elementary considerations of molecular theory. We shall base our 
derivation of the laws of dilute solutions on a consideration of the 
expressions for potentials and activities in such solutions. 

The expressions for mixtures dealt with in Chapter IV were 
completely symmetrical with respect to the two components. 
This symmetry will of course be absent in considering dilute 
solutions, where one component, the solvent, is present in very great 
concentration relative to the other, the solute. In order to emphasise 
this lack of symmetry we shall use a slightly different terminology 
in the following treatment : in particular we shall use the index 0 
for the component present at high concentration, and the indices 
1, 2, 3, etc., for the other components. 

1. PoTENTIAi:.S AND ACTIVITIES 

Dilute solutions are characterised by the fact that with increasing 
dilution their thermodynamic properties approach asymptotically 
to the properties of an ideal solution of the same concentration. 
This behaviour is most conveniently shown by considering the 
chemical potentials, activities or activity coefficients of the com- 
ponents. 

The chemical potential for ideal solutions is given by IV. (67). 
For a dilute solution the potential must vary with concentration in 
the same way. Since x < < 1, dln{l — x) = — dx, and we can write 

dfii = RTdlnx, (1) 

dfio= — RTdx. (2) 
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These equations are limiting equations which apply to constant 
temperature and pressure with an accuracy increasing with increas- 
ing dilution. In order to emphasise their limits of validity they 
can be written in the form 


Umm 

x = o\OX/t,p X 

(3) 

lim (^] = - RT. 

x = a\oxjT,p 

(4) 

Integration of (1) and (2) gives 


Ml — Mi(i) = RTlnx -t- ki. 

(5) 

Mo — Mo(o) = — RTx. 

(6) 


The presence of the undetermined integration constant in (5) is due 
to the fact that the concentration a- = 1 corresponding to the 
potential pj is outside the dilute range in which (1) and (2) are 
valid. This does not apply to the concentration x = 0, so that 
there is no integration constant in (6). 

The use of the activity function to describe dilute solutions leads 
to relations of a still simpler form. According to [IV. 3. e] the 
activity in ideal solutions is proportional to the concentration x. 
The limiting laws in the dilute range can therefore be written as 

Oi = A-,x, (7) 

Oo = ^0 (1 — a;). (8) 

where and k„ are constants, l-j can be chosen arbitrarily, while 
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I;, is of ootuBe given by The meaning of these equations 

u show in Fig. 1, where the straight lines marked 1 and 0 are 
tangents to the a^ — x curve and the a^ — x curve respectively at 
af = 0. While the direction of the Oj-curve at a; = 0 is undeter- 
mined, equation (8) shows that the Oj-curve at x = 0 must point in 
the direction of the point x = 1 on the abscissae axis. 

Finally the laws of dilute solution can be expressed in terms of 
the activity coefficients, defined by equation IV. (63), 

Oi = xfi, (9) 

ao = {l—x)ff,. (10) 

If (7) is the limiting law, we can write in the neighbourhood of x = 0 
a^ = kix + k^x”, 
where m > 1. This is equivalent to 

fi ~ A'l + k^”-^, 

whence 

^ = k^n - l)x«-\ 
or 

= kJn — ])x’*“b 
dx 

The limiting law at infinite dilution is thus 

x^ = 0. (II) 

ax 


Similar operations with give as the hmiting law for x = 0, 


^ = 0. (12) 

ax 

This shows that /q, the activity coefficient of the solvent, is 
independent of the concentration in the dilute range. Since (12) 
is only a limiting law, it is more correctly expressed by saying that 
/j is represented by a curve which has a tangent parallel to the 
x-axis at i = 0. Equation (11) shows that the corresponding 
relation does not hold for 

Equation (11) can also be written 


dlnft _ f. 
dx 


(13) 


whence 


dlnfi) __ n 
dx ' 


( 14 ) 


can be derived by means of IV. (98). 
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Equations (13) and (14) (or the identical pair (11) and (12) ) ai<B 
thus thermodynamically interrelated by the Gibbs-Duhem equation 
expressed by IV. (68). The same is of course true of equations (7) 
and (8), which formulate the laws of dilute solutions in terms of 
activities. The Gibbs-Duhem equation can also be written in the 
form 


X 


dlnfi 

dx 


+ (l-a:)^'^ = 0, 

(tx 


(15) 


where for solutions in general it is only necessary that the sum of 
the two terms should be zero. In dilute or ideal solutions, however, 
each of the terms in equation (15) must separately be zero. 

For dilute solutions of non-electrolytes/,, will often be represented 

by 

Info = ax‘, 

which according to (15) corresponds to 

Inf I — — 2ax. 

If the solvent curve is represented by a parabola, the solute curve 
will thus be a straight line, and vice versd. This is illustrated in 
Fig. 2, where the ordinate is Inf. For normal liquids these expres- 
sions are fairly often approximately valid 
over the whole concentration range. 

Thus the figure represents the behaviour 
of solutions of carbon disulphide in methyl 
alcohol, or of chloroform in acetone. At 
ordinary temperatures the values of a 
are 0-54 for the first mixture and — 0-43 
for the second mixture, corresponding 
to positive and negative vapour pressure 
curves respectively. The above formulae 
are also applicable to certain alloys, e.g., 
with a = 1 -0 they represent the behaviour 
of the tin-thallium system at 350“. 

In order to fix the numerical values of 
the activity coeflBcients [IV. 3. e] we 
have used the usual convention that 
/o = /i = 0 for a: = 0, i.e., when the solute 
is present at infinite dilution, so that in this range the activity is 
equal to the concentration for both components. This convention 
does not however fix the concentration scale for the solute, which 
caijl^ be chosen arbitrarily. The essential content of the laws 
developed for dilute solutions is not of course affected by this 
choice. 
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2. Vapotjh Pressure Relations 

■(a) Henry’s Law. We will consider a dilute solution of a volatile 
substance in a solvent K^. The vapour pressure is always 
proportional to the activity [IV. (77)], and for dilute solutions the 
activity is proportional to the concentration (equation (7) ) : hence 
we have 

Pi = (16) 

The partial pressure of the solute at constant temperature is thus 
directly proportional to its concentration. This is Henry’s law. 

In dilute solutions at constant temperature and pressure the 
mole fraction scale and the volume concentration scale are directly 
proportional to one another, so that (16) can also be written as 

Pi = k’c. (17) 

It is easily seen that an analogous argument can be used to 
derive (7) from (16). This means that the validity of Henry’s law 
is equivalent to the validity of the basis for the laws of dilute 
solution laid down in the preceding section. 

The content of (16) and (17) can also be expressed by 8 a 3 ang that 
the solubility of a gas in a liquid is proportional to the pressure 
of the gas. The solubility of the gas can be expressed in terms of 
the absorption coefficient, i.e., the amount of substance dissolved in 
unit volume under unit pressure. In calculating this coefficient 
the pressure must of course be small enough for (16) and (17) to be 
valid. 

For Bunsen's absorption coefficient a the amount of substance dissolved 
in unit volume under a pressure of one atmosphere is expressed as the 
volume of gas reduced to 0” and 760 mm. Hg, while Ostwald’s solubility 
coefficient I is the ratio between the volume concentrations in the liquid 
and gas phases. It is easily seen that the two coefficients are related to 
c, the molar concentration of the solution, by the equations 

' = = ( 18 ) 

Henry’s vapour pressure law can be derived from simple kinetic 
considerations. We shall assume that in a system of two compo- 
nents (just as for a pure substance) the equilibrium between liquid 
and vapour can be considered as a state in which an equal number 
of molecules of the volatile substance are vaporised and are 
condensed in unit time. Both these numbers will in general only 
represent a fraction of the total number of molecules striking the 
surface, but provided that the system is so dilute that there is no 
interaction between Xi-molecules either in the gas phase or the 
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solution, then this fraction will be independent of the concentration. 
If therefore the concentration in the gas phase is altered in a 
certain ratio, the concentration in the solution must be altered in 
the same ratio in order to maintain equilibrium. This simple 
kinetic treatment thus leads directly to Henry’s law, and hence in 
the light of what has been said above may be considered as the 
basis of the theory of dilute solutions. 

The derivation of (16) and (17) shows that they are only valid 
when the pressure and concentration refer to the same molecular 
species. The validity of Henry’s law thus depends upon the fact 
that the solute has the same molecular weight in the gaseous and 
the dissolved states, so that it is possible in principle to determine 
molecular weights in solution on the basis of Henry’s law. If the 
solute is partly associated or dissociated in solution so that it may 
be said to contain both “ single molecules ” and “ double mole- 
cules,” then the above equations can only be applied to each of 
these species separately. The relation between the total solute 
vapour pressure and its concentration depends on the relation 
between the concentrations of the two species, which in such 
cases can be calculated by means of the law of mass action 
[VI. 2. 3]. 

If the solute molecule is completely dissociated into two molecules 
in solution, the law of mass action shows that the relation between 
its vapour pressure and its concentration in solution is given by 

Pi = kc\ (19) 

This equation is valid for solutions of oxygen in molten silver, and 
approximately for solutions of hydrogen chloride in water, the 
reactions taking place in the two cases being 

0^-^20 

and 

HCl^H+ + Cl-. 


(b) Raoult’s Law. This law deals with the variation in , the 
vapour pressure of the solvent Aj when the concentration x varies 
at constant temperature. Since Oq is proportional to pj [IV. (77)] 
and also to (1 — a;) (equation (8) ), we can write 


or 


Po = — a;). 


dx 


— Poi 


( 20 ) 
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where is the vapour pressure of pure Kg. For finite concentra- 
tions ive have approximately 

( 21 ) 

Po 


This equation expresses Raoult’s law. If the solvent is water it can 
be written 


^Po ^ 

Po b5.5 


( 22 ) 


where c is the molarity, i.e., the number of gram-molecules per 
1,000 grams of solvent. 

The law thus states that the rdalive vapour pressure lowering 
caused by dissolving a small quantity of substance in a solvent is 
equal to the concentration of the solution formed expressed as the 
mole fraction x. 

Since the molecular weights of Kg and are involved in x, 
equation ( 21 ) can be used for determining molecular weights. If 
the solution is composed of gg and <7, grams of the two components, 
and the molecular weights are Mg and J/j respectively, we have for 
sufficiently dilute solutions, 


x = ^ = 

1*0 9 o^i 


(23) 


whence the ratio MglM^ can be calculated if a; is determined from 
vapour pressure measurements according to (21). 


Since the molecular weights are not necessarily the same in the two 
states of aggregation, it is necessary to investigate further the signifi- 
cance of the method for determining molecular weights provided by 
(23). For this purpose we shall return to equation (2) on which Raoult’s 
law is based, i.e., 

dpig = — RTdx. 

If c is the molar concentration of and the molar volume of Kg, 
we have 

*=Vo(o)C (24) 

which in combination with (2) gives 

d[p) = — i?rVo ( 0 ) dc. (26) 

Since the ratio of (i„ to Fj,,) is independent of the molecular weight 
assigned to Kg, the last equation shows that no determination of Mg 
is possible on the basis of (2). On the other hand, since g, and 
refer to the same arbitrary amount of solvent, (25) can be used to 
determine dc, the volume concentration of the solute, from which Af j 
can be calculated if the weight composition of the solution is known. 
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Raoult's law is obtained directly by introducing the equation virfid 
for one mole of a gas, II. (31), i.e., 

dfdd = RTdInpa. 

Raoult’s law is thus betsed on the molecular weight of Kq in the gas 
state, and the quantity Jlf„ occurring in (23) refers to this state. 

Thus while Henry’s law gives the molecular weight of the solute in 
terms of its molecular weight in the gas state. Af j. the application of 
Raoult’s law gives it in terms of the molecular weight of the solvent 
in the gas state. can also bo obtained directly from (2) or (26) 

without any such assumptions. 1 1 should however be emphasised that 
what is obtained in the first instance is always the number of rmleculee, 
from which the molecular lueight is calculated on the basis of a known 
amount of substance. These methods therefore give no information 
as to how far the solute molecules are present as such in solution, or 
whether they are combinetl with solvent molecules. The combination 
of solutes with the solvent is known as solvatioti, or as hydration in the 
case of aqueous solutions. It probably occurs in many cases, but is 
difficult to detect or measure with certainty. 

Equations (21) and IV. (81) show that solutions obeying Raoult’s 
law will exhibit no evolution or absorption of heat when diluted with 
the solvent. 

(c) Elevation of Boiling Point. Henry’s law and Raoult’s law 
for the partial vapour pressures of dilute solutions are valid inde- 
pendent of whether only one- or both components are volatile. On 
the other hand, the simple law derived below for the boiling point 
will only be valid if the solvent (and not the solute) can pass into 
the vapour phtise. 

Fig. 3 shows the vapour pressure curve for the pure solvent K^, 



passing through A, and the vapour pressure curve for the solution 
consisting of Kg plus a small amount of non-volatile K^. Since 
the vapour pressure of the solution is lower than that of the pure 
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solvent, its boiling point must be higher. AC represents the vapour 
pressure lowering, and AB the boiling point elevation. It will be 
seen from the figure that if the two curves are close together {i.e., 
if the solution is dilute) the ratio of the vapour pressure lowering to 
the boiling point depression is given by 


AC Ap dp 

Zb at^ M" 

whence 



(26) 

The boiling point elevation is thus determined by the vapour 
pressure lowering combined with the slope of the vapour pressure 
curve of the solvent. 

It is convenient to convert. (26) to a somewhat different form by 
introducing II. (48). We then obtain 

11 

1 

(27) 

whence by introducing Raoult’s law, (21), 




or 

Q 

(28) 

This equation can also be derived by using the expressions for 
the variation of the chemical potential with temperature and with 
concentration, analogously to the method used for obtaining 
equation (40). 

According to (28) the boiling point elevation is determined by 
the boiling point of the solvent, T, its molar heat of vaporisation, q, 
and the concentration of the solute. On the other hand, the nature 
of the solute does not enter into the equation. 

If the solvent is water, (28) can be re-written as 

qbb.b 

(29) 

or, putting T = 373 and q = 536 X 18, 

AT = 0-52c. 

(30) 


The factor multiplying c is known as the molar boilirig point elevation. 
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It cannot actually be measured in a 1-molar solution, since such a 
solution is not sufficiently dilute for the equation to be valid. 

Equation (28) can be used for determining the molecular weights 
of substances in solution, just as in the case of vapour pressure 
lowerings. Since the boiling point of a solution can be determined 
fairly easily experimentally, the method is much used for molecular 
weight estimations. 

(d) The Distribution Law. If a third substance is added to a 
system consisting of two incompletely miscible liquids in equilibrium, 
it will in general distribute itself between the two liquid layers. 
If the added substance is present in small amount so that the laws 
of dilute solutions can be applied, then the distribution ratio will 
be constant and independent of the actual quantities present. 

This is easily shown by applying Henry’s law to the equilibrium 
between the two liquid phases A and B and the common vapour 
phase. The partial vapour pressure of the added substance is then 
given by (17) as 

P ~ 

whence we obtain the distribution law, 

— = ^ = constant. (31) 

Cd Pa 

It can of course also be obtained by direct use of (1) for the poten- 
tials. 

3. Freezinq Point and Solubility Relations 

(a) The Solubility of Solids. Equations IV. (87) and IV. (92) give 
general expressions for the effect of pressure and temperature on 
the solubility of solids. These equations cannot in general be used 
for any quantitative calculations unless the dependence of the 
potential on the concentration is known. However, if the solid in 
question is sparingly soluble, so that the saturated solution is 
dilute, then this dependence is given by equation (3) an,d the 
calculations can be carried out. 

If (3) is introduced into IV. (87) we obtain 

/ex\ V,'— V, 

Up/r" ^ ’ (32) 

X 


or 


rt'^ = V{-Vx =-dVu 

dp 


(33) 
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where is the increase of volume accompanying the process of 
soluticai. This is in general so small that in practice very large 
pressures are necessary to produce any measurable changes in 
solubility. 

Introducing (3) in IV. (92), we obtain 


or 



(34) 


RT^ = Si — Si', 

i at 


(35) 


or by introducing IV. (93), 


, dinx _ ' 
RT -^-q. 


(36) 


The method of derivation shows that q is the differential heat of 
solution for one gram-molecule of K-^ in the saturated solution. 
For dilute solutions this heat of solution is identical with the 
irreversible heat of solution for the pure solvent. If the heat of 
solution per gram is known from calorimetric experiments, then 
since q is the molar heat of solution the molecular veight can be 
determined from equation (36). 

(36) has the same form as the equation for the vapour pressure 
of a pure liquid, and if q, the heat of solution, is negative, the 
solubility curve will have a form similar to that of a vapour pressure 
curve. If the solubihty is very small, the molar heat of solution 
will as a rule have a large negative value. 

For sparingly soluble substances it is possible to calculate the 
ratio of the solubilities of different states of aggregation or different 
allotropic modifications. Thus if a, and aj are the solubilities of 
two allotropic modifications of the same substance, we can replace 
the vapour pressures in II. (52) by solubilities, giving 

A = Rr/nJi. ( 3 ,) 


It is thus possible to calculate the solubility ratio from the work 
df transfer. A, or vice versa. The more precise equation 

tii—lii = RTIn% ( 38 ) 

where aj and a, are the activities of the two modifications is obtained 
directfy from IV. (61). 
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(b) Fremiiig Point Depreuion. In P'ig. 4 V and £ are the vapour 
pressure curves for the solvent in the liquid and solid states 
respectively, while the curve O is the vapour pressure curve of the 
liquid solution. The points of intersection P and P' at which the 
vapour pressures of the liquid and solid are equal are the freezing 



points of pure solvent and solution respectively. It is seen from the 
figure that the solution has a lower freezing point than the solvent, 
the depression of freezing point — JT corresponding to the vapour 
pressure lowering — Ap. 

It is also clear from the figure that if the solution is sufficiently 
dilute we can write 

Jp _ dpi dp^ 

dT dT’ 


where and p^ are the vapour pressures of the solid and the 
solution resiJectively. Introducing II. (r,3) 


9 = 


Ti> 


\dT dT)' 


and Raoult’s law (21), we obtain 


— JT = 


RT^x 

» 

9 


(39) 


where q is the molar heat of fusion of K^. For a given solvent AT 
lihus depends only on x and not on the nature of the solute. 

This expression for the freezing point depression can also be 
obtained by applying IV. (92) to Kj 
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and introducing (4), 


This gives 



or by introducing IV. (93) 


X q 

^T~ RT*' 


identical with (39). 

If the molarity concentration scale is introduced in (39), we have 
for aqueous solutions 


— JT = 


RT'‘c 

9 - 55 . 5 ’ 


(40) 


where the factor multipl 3 dng c is termed the molar freezing foint 
depression. For water we have T = 273-1 and j = 18 X 80, giving 


l-86c. 


(41) 


Equations (28) and (39) show that the addition of another 
substance afiects the boiling point and the freezing point in opposite 
directions, raising the former and lowering the latter. This is 
because the phase in which the added substance dissolves is trans- 
formed into the coexistent phase with absorption of heat in the 
first case and evolution of heat in the second case. 

like the elevation of boiling point, the depression of freezing 
point can be used for determining molecular weights, and it is 
particularly suitable for this purpose since the estimation can be 
carried out with great accuracy. 

The assumption underlying the above derivations is that the 
freezing point of the solution is determined by its equilibrium with 
the solvent in the pure crystalline state : in other words, it is 
assumed that the added substance dissolves only in the liquid. 
If it is also dissolved by the solid phase the freezing point will be 
determined by the intersection of the vapour pressure curves of 
the liquid and solid solutions, and 0^ respectively in Fig. 5. 
Both these curves lie below the curves F and K for the vapour 
pressures of pure solvent in the liquid and solid states respectively. 
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It is easily seen from the figure that the freezing point of the solution, 
Tji need not be lower than that of the pure solvent, but that their 
relative positions depend on the relative vapour pressure lowerings 
in the two states of aggregation. If — Ap is greater for the liquid, 



the freezing point is lowered, while if — Ap is greater for the solid 
the freezing point is raised finally, if Ap is the same in the two 
phases, the freezing point will not be affected by the addition of 
solute. 

If Raoult’s law is assumed to hold both for the liquid and the 
solid phases, then the freezing }X)int will be lowered or raised 
according as is more soluble in liquid or solid K^. This statement 
agrees with the law given in [IV. 4. b] for the melting points of 
mixed crystals. 


4. Osmotic Pressure 


(a) Definition and Heasnrement. If a solution and pure solvent 
are at the same pressure and temperature they cannot be in equili- 
brium with one another, since we shall always have 


fii > Pi(o)> 




It is however possible to establish partial equilibrium by increasing 
the pressure on the solution. This will cause Pq to increase according 
to equation IV. (52), which can be WTitten 



(42) 


where is the differential molar volume of the solvent. If the 
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soluticm is dilute, can be identified with Fo,o). the molar volume 
of the pure solvent. 

The excess pressure which must be applied to the solution in 
order that the condition 

= Moloh (43) 

shall be fulfilled is termed the osmotic pressure, of the solution. It 
can be defined as the difference of pressure which must be set up 
between the solution and the solvent in order that the system shall 
be in equilibrium with respect to Kf^. If Fj is prevented from 
passing from the solution to the solvent, this represents a state of 
complete equilibrium. 

There are various ways of observing when equilibrium has been 
set up ; e.g., by means of a semi-permeable membrane which allows 
the passage of the solvent Kf, but not of the solute K^. If there is 
no movement of liquid through the membrane, an,d small changes 
of pressure cause movement in either direction, then the system 
is said to be in osmotic equiUbrium and the osmotic pressure can 
be measured directly by means of a manometer. 

The following arrangement can be used for carrying out measure- 
ments in practice. A semi-permeable cylinder with a vertical tube 
attached is filled with the solution and immersed in pure solvent K^. 
The tendency for the solution to become diluted will force A'q into 
the cylinder, thus causing the liquid to rise in the vertical tube 
until the osmotic pressure has been attained. The pressure is 
measured by the height of the liquid in the tube and its density. 
(Cf. Fig. 6.) 

For aqueous solutions the semi -permeable membrane can consist 
of cupric ferrocyanide deposited in the pores of a clay cylinder : 
this may be used, for example, to measure the osmotic pressure of 
a solution of cane sugar. Membranes of gelatine or of animal origin 
can also be used. 

Measurements of osmotic pressure in dilute solutions have shown 
that its dependence on the concentration and the temperature is 
expressed by the equation 

P = BTc. (44) 

Since the concentration c is the reciprocal of F', the volume of 
solution containing one gram-molecule of Aj, this equation can also 
be written 

PV' = BT, (45) . 

showing that the osmotic pressure follows the same laws as the 
pressure of a gas. This law was enunciated by van’t Hoff, and was 
the original basis on which the laws of dilute solution were developed. 
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If the solute is non-volatile, then instead of using a semi-permeable 
membrane to establish osmotic equilibrium, we can use the passage 
of the solvent into the vapour state. Further, a positive pressiue 
on the solution can be replaced by a negative pressure (or tension) 
on the solvent. The vaporisation of the solvent under a negative 
pressure can be realised by using a capillary tube or a porous plate 
with capillary pores. 

Equations (44) and (45) can be deduced directly on the basis of 
the theory of dilute solutions, e.g., from equation (4). If there is 
equilibrium at constant temperature between solvent and solution, 
then the decrease in the chemical potential of the solvent brought 
about by the addition of Ki must be just compensated by the 
increase caused by the increased pressure. We thus have as the 
condition for equilibrium 

whence by introducing (4) and (42) 

RTdx = Ffldp, 

which on combining with (24) gives 

dp — RTdc, 

identical with (44). 

The osmotic pressure can be used for determining the molecular 
weight of the solute, since equation (44) gives the number of gram- 
molecules of present in unit volume. The direct applicability of 
osmotic pressures for this purpose depends on the significance of 
(25) as a basis for the laws of osmotic equilibrium. 

(b) Osmotic Work. If a semi-permeable piston is moved in 
opposition to the osmotic pressure, it is possible to isolate pure 
solvent from a solution. If we assume that in order to isolate one 
gram-molecule of it is necessary to move the piston through a 
voliune F", the volume of solution containing one gram-molecule of 
Kq, then the work needed is 

A^^PV", (46) 

which must be identical with the differential work of mixing. Since 
the volumes containing one gram-molecule of the two components 
are in the inverse ratio of their concentrations, we have 


F' 


■r '■ V" 

and hence, since x << 1, 



(47) 


^0 = PV'x, 


(48) 
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or, introducing (45), 

A^=BTx. (49) 

In this derivation we have neglected the compressibility of the 
solution and the change in total volume when iTj is separated from 
the mixture : this is permissible for sufficiently dilute solutions. 

If (49) is inserted in the general equation IV. (50) 

■^0 = — (/^o — f^o(o)) + P(^o — ^o(o))> 
at the same time (since a: << 1) putting 

Vo = Vo(o), 

we obtain 

Ho — Ho(o) = — ( 50 ) 

which is identical with the equation (6) which was previously 
regarded as the basis for the equations derived for dilute solutions. 
The theory of dilute solutions can therefore be based equally well 
on (49), derived by means of the osmotic pressure, or on (6), derived 
from the potential function. It must however be observed that 
both these equations represent limiting laws which are in general 
exactly valid only at infinite dilution. 

(c) Osmotic Pressure and Vapour Pressure. It has been previously 
pointed out that the laws of dilute solution in their simple form 
{e.g., Eaoult’s law (21) ) are not valid if the forces between the 
molecules are of such a kind that association or dissociation reactions 
take place. On the other hand, purely thermodynamic relations 
will be unaffected by such complications. For example, we can 
derive a relation between the osmotic pressure and the vapour 
pressure of a dilute solution as follows, without assuming the 
validity of the gas laws. 

Putting F" = Fpipi in (46), we have 

dHo = — dAo = — Vp(p, dP, (51) 

or 

Ho poio'i — Vp(p) P. 

Further, from II. (31) 

d/To = RTdlnpo = Vodpo, 


or 


Ho Ho(o} — ^o^Poj 

where — dpo is the vapour pressure lowering. We thus obtain 

»o(o) 


( 52 ) 
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The ratio of the osmotic pressure to the vapour pressure lowering 
is thus equal to the ratio of the volumes of the solvent in the vapour 
and liquid states. 

The same formula can be derived by considering the osmotic 
apparatus in Fig. 6. At the surface of the solution in the vertical 
tube the vapour pressure is p + Ap, where — dp is the vapour 



Fig. 6. 

pressure lowering, while the vapour pressure at the surface of the 
solvent is p. A column of liquid of the same height as the column 
of liquid in the vertical tube is thus supported by the pressure 
difference — Ap, while the column of liquid is supported by the 
osmotic pressures. These two pressures must therefore be in the 
same ratio as the corresponding densities, i.e., 

— (53) 

P dv 

where d„ and dy are the densities of the vapour and the liquid 
respectively. But for dilute solutions we have 

dp 

dv 1^0 

which on inserting in (53) gives an expression identical with (52). 

In a similar way the osmotic pressure can be expressed in terms 
of the boiling point elevation and the freezing point depression. 

5. Ternary Mixtures 

A ternary mixture in which two of the components predominate 
can be considered as a dilute solution in a mixed solvent. According 
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to IV. (68) we have for a mixture of three components at oonatant 
pressure and temperature, 

riidlnfi + n^inf^ + n,dlnf, = 0 

or, if the two components constituting the solvent are termed 
and it,, and the solute 

noidlnfoi -j- tioidlnfo/i -|- nidlnfi = 0, (64) 


nod/n/bi"* /os"" + n,d/n/, = 0, ' ' 

where n, = n„i + n,,. We thus obtain an equation analogous to the 
equation for binarj’ mixtures by introducing 


Wqi 

/o = /oi""/os"". 


( 56 ) 


Since the ratio of the amounts of the solvent components is kept 
constant, we can assume that Henry’s law will hold in the form 


X 


dinfi 

dx 


= 0 , 


(67) 


where x ~ 


n, + n,' 


If this is so, then Raoult’s law 


= 0 ( 58 ) 

dx 


will also hold for the ternary system if/, is defined as above. It is not how- 
ever possible to derive an analogous equation for the single components 
of the solvent on the basis of the Gibbs-Duhem equation. It is in fact 
possible that the addition of /f, to the mixed solvent moy bring about 
changes of opposite sign in the activity coefficients, activities or poten- 
tials of the two other components. Thus if sodium chloride is added 
to a mixture of alcohol and water the vapour pressure of the alcohol 
will increase, while that of the water will decrease. 

If (67) is assumed to hold, we can write for the variations of /„ and 
/,, with X, 

= «., (59) 


dlnfm 

dx 


so that the directions of the two curves at a: = 0 are connected by the 
equation 


oq noe 

as not 


(60) 


The above equations will be used later [XI. 2. h] for calculating the 
osmotic pressure in ternary mixtures. 
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HOMOGENEOUS EQUILIBRIA 

]. Balanced Reactions 

In the foregoing chapters, when we have considered a homogeneous 
phase (either alone or as part of a heterogeneous system), we have 
assumed that its properties are completely determined by its 
empirical composition and the external conditions of temperature 
and pressure. 

This is not however always the case. Thus if alcohol and acetic 
acid are mixed we obtain a homogeneous liquid having properties 
which alter with the time. The properties of this homogeneous 
phase under constant temperature and pressure are thus not deter- 
mined by its empirical composition alone. The changes which its 
properties undergo must therefore be attributed to spontaneous 
internal changes, i.e., to chemical processes taking place between 
the substances of which the phase is constituted. The nature of 
these changes can often be demonstrated by the isolation of fresh 
substances from the mixture. 

The laws for processes of this kind are entirely different from the 
laws governing purely heterogeneous processes such as fusion, 
polymorphic transformations, or the more complex heterogeneous 
processes dealt with in [IV. 5. a.]. The difference depends upon the 
fact that when a homogeneous reaction takes place under the condi- 
tions stated above, there is a continuous change in the chemical 
potentials of the reacting substances, while in the heterogeneous 
reactions the chemical potentials remain constant in spite of changes 
in the amounts of substance present. 

The reaction between alcohol and acid mentioned above leads to 
the formation of the new substances ester and water, and may be 
represented by the equation 

A + S E + V. 

As the reaction proceeds from left to right, the concentrations (and 
hence the chemical potentials) of the substances A and 8 of the 
initial system will continually decrease, while the concentrations 
^nd potentials of E and V, the substances formed, will continually 
increase. Both these changes will decrease the tendency of the 
process to take place from left to right, and as the process proceeds 
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this tendency must become zero before complete transformation 
has taken place. If we start with E + V, this system will undergo 
a change obeying analogous laws and resulting in the production 
of A + jS : this transformation will also be incomplete. If we start 
with equivalent quantities of A + S on the one hand and E V 
on the other, the final state in which homogeneous equilibrium has 
been reached will be the same in the two cases. An incomplete 
process of this kind, leading to a state of equilibrium, is termed a 
balanced reaction, and for the case in question is written in the 
form 

A +s':;tE + V. 

It was at one time supposed that balanced reactions represented 
exceptional cases, but experience has shown that this is not so. 
The above considerations make it natural to regard all homogeneous 
processes as balanced reactions, so that Ihose processes usually 
termed complete must be considered as incomplete processes in 
which the equilibrium state is for practical purposes identical with 
one of the systems, i.e., the first product in a pure state. 

The idea of incomplete homogeneous processes was first developed 
by Berthollet in 1801. The theory was developed further and 
formulated quantitatively by Guldberg and Waage in 1 867. Accord- 
ing to the latter authors the “ action ” of a substance in a homo- 
geneous mixture is proportional to its “ active mass ” or concentra- 
tion. If we have an equilibrium between four substances expressed 
by 

A +55i;c-f u 

an increase in the concentration of A or of B will displace the 
equilibrium in favour of the system C + D, while an increase in 
the concentrations of the last two substances will cause a displace- 
ment in the direction of A + B. Since the “ action ” is propor- 
tional to the concentration c, the tendency for the process from 
left to right will be proportional to the product CjiCg, while that of 
the reverse process is proportional to c^cp. Once equilibrium has 
been reached the ratio of these products must not be displaced, 
and we therefore have as the equilibrium condition 

■ = constant. 

This is the mathematical expression for the law of mass action 
applied to a reaction taking place according to the above scheme. 
The above derivation is however unsatisfactory on account of the 
vague nature of the undefined expressions “ action ” and 
“ tendency.” 
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2. The Law of Mass Action 

(a) Thermodynamic Derivation. To obtain a thermodynamic 
deduction of the law of mass action we shall first consider a balanced 
reaction involving gaseous substances obeying the perfect gas laws. 
The general scheme for such a process can be written 

nA,Ai + nA,A^+ ... nB.Bi + H (1) 

We now imagine this reaction to take place completely, reversibly 
and isothermally from left to right, the reacting substances being 
taken from or added to infinitely large reservoirs in which the 
concentrations are .... and 6'g, .... We also 

imagine the same substances contained in a reaction vessel of 
constant volume in which chemical equilibrium has been set up, 
and in which the concentrations are Ca,,Ca,. . . and Cjj^ . . . . 
If the amounts of the initial substances represented by the left- 
hand side of equation (1) are transferred reversibly from the reser- 
voirs to the reaction vessel, the work obtained is 

nA,RTln ^ + nK,HTln -f . . . 

When the ^-system is converted to the J5-system in the reaction 
vessel no work can be obtained, since the conversion takes place in 
an equilibrium state at constant volume. If the resultant substances 
formed are removed and transferred to the appropriate reservoirs, 
the work obtained is 


nn^RTln + ne-RTln + • • ■ , 

SO that the total work obtained in the whole transformation is 


A = 


nr 


In 


At 





"B. 


+ /n 





( 2 ) 


According to the second law, A depends only on the initial and final 
states of the process. The first term in (2) is a constant containing 
only the initial and final concentrations ; hence the second term 
containing the variable equilibrium concentrations must also be a 
constant. We thus have 





( 3 ) 


P.C, 


X 
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where Kfia a constant known as the equilibrium constant. This is 
the general expression for the law of mass action ; it is also known 
as the reaction isotherm, as it gives the relation between the concen- 
trations at constant temperature. 

If we put C = 1, then 

A ^ BTlnK,. (4) 


The method of derivation shows that the above expression for 
the law of mass action depends upon the validity of the gas laws 
for the substances taking part in the reaction. Without making 
any further assumptions we can therefore introduce in (3) the 
expression II. (6), 

p = RTc, 

giving 


where 


• pT ■ • • 

Pm' ■ p"m ' ■ ■ 






( 5 ) 

( 6 ) 


Instead of using the transference process described above, the 
law of mass action can be derived in a simple manner by means of 
thermodynamic functions. According to I. (25), the general 
condition for chemical equilibrium expressed in terms of the 
thermodynamic potential is 




When the process (1) takes place in the hemogeneous mixture, the 
variations in the amounts of substances present can be expressed by 

^^A,= n,t,da ■ ■ • dnoi = nB,da • • • •. (7) 

If the initial system is pure A, then a 'will be the extent of the 
reaction, i.e., a factor which varies from 0 to 1 as the A -system is 
transformed to the R-system, and which is proportional to the 
amount of the latter system. From equations (7) and I. (44), dG 
in the mixture can therefore be written as 

dG =— In A, fiA.da -f In„,iiB, da, 

giving as the equilibrium condition 

(^)r r ^ 

It follows fron? this equation that the standard states of th^ 
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substances taking part in the equilibrium cannot be chosen arbi- 
trarily ; thus, for example, if the numerical value of one of the 
potentials is altered by altering the appropriate standard state, this 
•will not in general be consistent with (8). In other words, the 
standard states must be chosen in such a way that (8) is satisfied for 
a single equilibrium state ; if this is done, then the equation will be 
satisfied for all equilibrium states at the same pressure and tempera- 
ture. 

It is inherent in the problem that this limitation in the choice of 
standard states is present for all reactions which involve stoichio- 
metric relations between the components, and it has previously 
been introduced as a self-evident condition, e g., in the distribution 
of a substance between two phases, and other simple cases. The 
same result emerges from the phase rule by considering the definition 
of a component given in [IV. 6]. 

Since the form of a relation between observable quantities cannot 
be affected by the choice of standard states for the substances 
concerned, it is important to note that freedom in this choice can 
be introduced by adding to equation (8) a constant term, the value 
of which is fixed together with the selected standard states on the 
basis of a single equilibrium state of the system. On this basis the 
condition for equilibrium becomes 

— Sn,i,t‘A, + -ns. /'ft ■-= ^ (9) 

whei’e / is a cfinstant inde{)endent of temperature and pressure. 
There will of course also be a corresjxmding alteration in equa- 
tion I. (35). 

Wc can now introduce IV. (13), which can be written 

(“a. = RTlnpA, + 

where fiA,o) is the potential of Aj under unit pressure. Combining 
this with (9), we obtain 

BT [ — i'n.4, InpAt + ^nB,lnpiiJ = 1-^1, (10) 

where i = — ilas,pj 3 ,(i) depends only on the temperature. 

This equation is clearly identical with the law of mass action (5), 
since RTlnKp = I + i. 

The effect of a change of volume on the equilibrium state can be 
determined by expressing the concentrations in (3) as ratios between 
the number of molecules and the volume, t.e., 

A 


N 



U 2 
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Entaodudug this relation into (3), we obtain 

^1 


( 11 ) 


showing that an increase of volume will favour the system which 
has the greater number of molecules. This is obviously in agree- 
ment with le Chatelier’s principle. 

(b) Kinetic Derivation. From the point of view of molecular 
theory a homogeneous equilibrium (like a vapour pressure equili- 
brium) cannot be regarded as a static condition in which nothing 
takes place. It must rather be assumed that equilibrium is set up 
as a result of balanced processes, in which the molecules of the first 
system are converted to molecules of the second system at the 
same velocity with which the reverse process takes place. The 
laws governing the equilibrium can therefore be derived from 
the laws for reaction velocity. The detailed consideration of this 
problem thus belongs properly to reaction kinetics. Since however 
the equilibrium laws must be independent of any particular reaction 
mechanism, they may be derived from very simple kinetic considera- 
tions, which we shall now describe. 

For the sake of simplicity we shall only consider a simple case of 
homogeneous equilibrium, namely the balanced dissociation equili- 
brium represented by the scheme 

A :^B+C. 

For this process to take place from right to left it is necessary for 
molecules of B and C to collide, t.e,, to be present simultaneously 
within a very small element of volume. The probability that a 
5-molecule is present in a given small element of volume is propor- 
tional to the number of B-molecules per unit volume, i.e., to the 
concentration Cj,- An analogous statement holds for Cq. The 
probability that a 5-molecule and a C-molecule are simultaneously 
present in the given volume element is proportional to the product 
of the two concentrations, since the two contingencies are mutually 
independent. Since it must also be assumed that at constant 
temperature a constant fraction of these “ collision complexes ” 
react to form A, it is seen that the number of d -molecules formed 
per unit time in unit volume (i.e., the velocity with which A is 
formed) must be proportional to the product c^cc. 

The process in the reverse direction can be considered as a 
spontaneous dissociation of the d-molecule to give the reaction 
products 5 -f- C. The probability of this dissociation at a given 
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temperature is a constant quantity, and the velocity of dissociation 
is hence proportional to the concentration c^. 

If the two proportionality factors arc k.^ and ki respectively, we 
have when equilibrium has Ijcen reached, 


or. 


CbCc 

C.i 1^*2 


which is identical with the thermodynamic expression (3) applied 
to the simple case considered here. No jliffioulties are involv^ in 
extending these considerations to a kinetic derivation of the general 
expression. 

(c) Gaseoof fiyitenu. The above derivations are in the first 
instance based on a consideration of reactions in the gas phase. 
We will now consider the application of the law of mass action to 
some of the simplest special cases of homogeneous equilibria 
involving gases. 

The simplest form which the general equilibrium scheme (1) can 
assume is 


a:;^b 

where the equilibrium is established between only two molecules, 
and may be termed an isomerisation equilibrium. In this case the 
law of mass action (3) reduces to 


Cfl _ 

Ac, 

C| 


( 12 ) 


i.e., when equilibrium has been set up, the ratio of the concentra- 
tions of the two reacting substances is independent of the total 
concentration. This equation applies to the equilibria between 
ortho- and para-hydrogen, and between organic isomers. 

Much more important is the reaction between three molecules, 


A:;tB + c 

which represents a typical dissociation equilibrium. 
mass law expression is 


In this Case the 


(13) 


Suppose we start with pure ..4 at a concentration c,, arid that 
when equilibrium has been set up the degree of dissociatiim is «, 
i.e., a is the fraction of A which is split up into B and C. Then if 
the dissociation takes place at coirstant volume, we have 


Ca = Co( 1 — rt), 


Cb= cc = Cu«, 
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which on insertion in (13) gives 

CE* 

Coi = Kc. (14) 

1 — a 


Similarly we find for Kp, 

where Pq is the pressure of A before dissociation took place. It is 
obvious that the dissociation causes the total number of molecules 
to increase in the ratio 

(1 - a) + 2a = 1 + a 

and since the pressure at constant volume is proportional to the 
number of molecules, the pressure p corre.sponding to a is given by 

P = ?o(l + “) (16) 

which on insertion in (IS) gives 

= (17) 

Equation (16) makes it possible to determine a by observing p 
and calculating pg by the equation of state from the amount of 
substance and the volume. It is clear that (16) can also be expressed 
in terms of 8 and 8g, the densities for the dissociated and undissolved 
states respectively under the same pressure. We have 



It was this method which first led to the conclusion that substances 
with abnormally low vapour densities are partly or completely 
dissociated. It follows from the above formulae that the addition 
of one of the dissociation products will repress the dissociation. 

As examples of dissociation equiUbria for which the law of mass 
action has been verified, we may mention the dissociation of 
phosphorus pentachloride and of the double molecules of nitrogen 
peroxide. 


PClgl^PCl, + CT, 

2^,0, ^2N0j. 
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Further examples are provided by the dissociation of the moleculea 
of diatomic elements at high temperatures, e.g., 

h^:^2h 
0 ^ 1^20 
h 2 /. 

An equilibriitm between four molecuks, e.g,, A B ^ C + D, is 
governed by the mass law expressions 


or 


fcCn 

CaCb 




Pc. Pp 
Pa Pit 


Kp. 


(19) 

(20) 


The treatment given above shows that an equilibrium of this kind 
is independent of the pressure, and further that Kp = K,.. 

As an example we shall take the reaetion 2HI 
From a purely chemical point of view this is a dissociation of a 
compound into its elements, but from the physico-chemical stand- 
point it cannot be classified with the dissociations dealt with above, 
.since it follows quite difierent laws ; in particular, the degree of 
dissociation (i.c,, the fraction of the original system which has 
reacted) is independent of the pressure. If the initial system 
consists of undecomposed hydrogen iodide at a concentration c, 
and the fraction decomposed at equihbriura is a, then 

C/w — c(l — «), 


Cn, = cj.~ c 




and hence - — A',,. (21) 

4(1— nr 

This equation contains no variables : hence the validity of the mass 
law can only be investigated by varying the relative amounts of 
iodine and hydrogen, or by adding varying amounts of iodine or 
hydrogen to dissociating hydrogen iodide. 

Starting with o molecules of iodine and 6 molecules of hydrogen, 
if at equilibrium y moleculea of each have reacted, then the iiumber 
of molecules of hydrogen iodide formed is 2y, and we have 

(p : z yp ^ -y) ^K., ( 22 ) 

The following table gives the observed values of 2y for various 
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ioitJAl tunounts of iodine and hydrogen, together with values 
calculated from the mean value of Kc. The experiments were 
oaiiied out at the boiling point of sulphur (440°). The agreement 
between the figures in the last two columns demonstrates the 
validity of the law of mass action for this reaction. 


Tablb I. The Hydrogen Iodide Eguilibrium 



Another reaction which is analogous to the decomposition of 
hydrogen Iodide is the important water-gas reaction. 

COj + CO 4- HiO 

in which the equilibrium is also governed by equation (20). A.s 
examples of reactions involving larger numbers of molecules we may 
mention the decompositions of water vapour and carbon dioxide, 

2C0^:^2C0 + 0^, 

the ammonia equilibrium, 

which is of great importance in the manufacture of ammonia, and 
the formation of sulphur trioxide, 

2S'0j + 0 j:p:: 2 S 03 

which is also of great industrial importance. All these proeeases 
are measurable only at high temperatures and are best st\jdied in 
the presence of catalysts [VIII. 1. f. and 2. e.]. 

Some of these equilibria will be treated further iji the section 
dealing with the effect of temperature [4. b.]. 

(d) Liquid Systemi, If homogeneous equilibrium has been set 
up in a gaseous system which is in equilibrium with a Uquid, the 
mass law expression (3) will hold for the gas mixture. Further, if 
the solution is dilute, Heniy^s law gives 

cjf, — > 


c'b, = 
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where Cjb^ etc., are the concentrations in the gas mixture, oOd 
® -Bi’ ®tc., the concentrations in the liquid. 

We thus see immediately that equilibria in liquids will be governed 
by an expression analogous to (3). Since Henry’s law wtis used in 
arriving at this result, the condition for applying the mass law to 
a solution is that the gas laws shall be valid. 

The law of mass action will therefore be generally \’alid for dilute 
solutions. It will however be valid for all concentrations in the 
case of ideal solutions, where Henry’s law holds over the whole 
concentration range. The Jaw of mass action for liquid systems 
can also be derived by using the chemical potentials, just as for 
gases. 

In the case of liquids there exist a number of investigations of 
the simplest type of equilibrium, A B, to which equation (12) 



Ca 


can be applied. For example, this equation has been found to 
represent the equilibrium between the two forms of aceto-acetic 
ester, 

CHj CHi 

CO COH 

I I! 

CHi CH 

COOCjff, COOCMi 

and other keto-enol reactions in various solvents. The magnitude 
of the equilibrium constant depends to a great extent on the medium. 
Thus in the case of aceto-acetic ester at ordinary temperatures, 
about 0-5% is enolised in water, and about 46% in hexane, while 
the pure ester without any .solvent is enolised to the extent of about 

7%. 

An example of a dissociation process is provided by the previously 
mentioned dissociation of the double molecules of nitrogen peroxide, 
which also takes place in solution. It can be estimated colori- 
metrically, since the NO^ molecule is coloured, while the 
molecule is colourless. 

The classical example of mass action in liquid systems is the 
reaction between alcohol and acetic acid, mentioned at the beginning 
of the chapter, which obeys the mass law approximately. Other 
examples are provided by the dissociation and other reactions of 
weak electrolytes, which will be dealt with in a subsequent chapter 
[VII. 3J. 
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(•) The Thermodynamic Law ol Mail Action. Equations (3) and 
(6) depend on the validity of the simple gas laws and are therefore 
only generally valid for dilute systems, whether gases or hquids. 
We have seen previously that expressions valid for dilute systems 
can be transformed into expressions of the same form, but of 
general validity, by replacing the concentrations by “ activities. 
The expression for the law of mass action can be transformed in the 
same way. 

This can easily be shown by inserting IV. (61) 

I^Ai = l^AM) + ffTlnOi. 


in equation (9), giving 


RT[— Jn.4, /na.4, -f Snn, Inas] ~ I i, 

exactly analogous to (10). This expression can be rewritten in the 
form 


a 


a 


” 8 . 

n, “b. 


"A, "A, 

A, '^A, 




(23) 


where is the thermodynamic mass action constant. 
of (3) and (23) gives the relation between Ka and Kc, 


= 


f’^Ai f'^As 

I A, I A; 


IB, IB, 


(■Comparison 


(24) 


where / is the activity coefficient for the temperature and pressure 
chosen. The derivation of (23) shows that Ka depends on the 
temperature and pressure, but at constant temperature and pressure 
is independent of the composition of the mixture. Equation (23) 
is exactly and generally valid, in contrast to (3) and (5)i which 
depend upon the validity of the gas laws for the components 
involved. The greater range of validity of (23) depends upon the 
fact that it is of purely thermodynamic origin, and does not involve 
the validity of any special equation of state. 


3. Homo-heterogeneous Equilibrium 

(a) Thermodynamic Treatment. A system is said to be in homo- 
heterogeneous equilibrium when there is chemical equilibrium in 
one homogeneous phase, and one or more of the components is 
simultaneously in equilibrium with a second phase. We shall 
deal particularly with equilibria in which the second phase is a 
solid. 
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The fact that the homogeneoua reaction phaae is in equilibrium 
■with one of the reactants in the solid state will not aSect the 'validity 
of the law of mass action for the homogeneous phase. However, 
the chemical potential and vapour pressure of the solid at constant 
temperature will be practically constant (the effect of pressure on 
the potential of a solid being very small), so that equation (10) will 
still be formally correct if we omit the term referring to this compo- 
nent. . 

TIM means that the factors referring to this component can be 
omitted from the mass action expressions (3) and (6). The mass 
action expression for a homo-heterogeneous reaction is thus obtained 
by omitting the factors referring to any substances present as solids. 
The same result is obtained by using the fact that the vapour 
pressure or saturation concentration is constant for these compo- 
nents. 

If the equilibrium has the simple form 
then if either ^ or R is present as a solid, we have respectively 


c.t = ^'1, 

ciiCc — f'-i. 

(25) 

Cb = h'l, 

= Ko, 

(26) 


C.i 

are easily obtained for more 

complicated cases. 


and 


In the case of the thermodynamic law of mass action, the same 
considerations lead to the conclusion that a homo-heterogeneous 
equilibrium will be governed by equation (23), ■with the omission of 
factors representing the activity of components which are present 
as pure condensed phases. 

(b) The Equilibrium of Gaseous Systems with Solid Phases. The 

simplest case of equilibrium of this type occurs when a single gas 
is in equilibrium with solid phases. Thus in the following reactions 


Na^SO^,\QHiO Na^SOi+ lOH^O, 

CaCOa CaO + COj, 

CaO -t- 3C CaC^ -f CO, 

the mass law predicts that at constant temperature there will be a 
constant equilibrium pressure of water vapour, carbon dioxide and 
carbon monoxide respectively. As pre'viously shown, the same 
result can be obtained for these simple processes by applying the 
phase rule. 
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When ISerroso-feiTic oxide {-FfijOJ is reduced by hydrogen, the 
reaction eeheme is 

Fefit + Me + 

whence by applying the above rules we obtain the mass action 
expression 

Ch,o _ r. 

At 900° C. the value of is about 0-7. If the ratio of the concen- 
trations of the two gases is maintained at a higher or a lower value, 
complete oxidation of the iron or complete reduction of the oxide 
will take place. 

The reaction between carbon dioxide and carbon 
O + CO t'^2CO 

is an example of a process obeying the simple dissociation equation 


‘‘CO; 

Finally we may mention the formation of nickel carbonyl 
according to the equation 

Ni + Aco:^m(Co\ 

for which the equilibrium expression is 
Cwicoi. _ 
cco 

On account of the high power to which the carbon monoxide enters 
in this expression, this equilibrium is particularly sensitive to 
pressure changes. 

(o) The Eqailihriam ol Liquid Systems with Solid Phases. If a 

solid phase is in equihbrium with a saturated solution in which 
there is a dissociation equilibrium, e.g., 

a:;^b + c, 

then as before there are two possible types of equilibrium, according 
to whether the solid phase is the compound A or one of the dissocia- 
tion products. If the solubility is low enough for the gas iaws to 
be valid, we shall expect (25) or (26) to hold respectively. (For, 
more concentrated solutions the activities must be inserted in 
place of the concentrations ; cf. [2. e.].) In order to investigate 
this it is necessary to determine the concentration of each molecular 
species in the solution. 

If A is practically completely dissociated in solution, Cjj and Cg 
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Hill be practioall^r equal to the total concentrations of the 
substances B and C aa determined by analysis. The curve repre- 
senting the solubility of A will be a rectangular hyperbola if it is 
plotted with the total concentrations of B and C as co-ordinates. 
In the same system of co-ordinates the solubility curves for B and 
C will be straight lines. If the dissociation is incomplete, the 
solution saturated with A will also contain .4 -molecules. The usual 
methods of solubility estimations only give the total amounts of 
B and C in the solution, but if is possible to test the law of mass 
action in this case by comparing the observed solubilities with those 
calculated theoretically. 



In a Hystom of the above typo the following solubility phenomena 
will in general be observt^l as tlu^ amounts of the components are 
varied. If increasing amounts of (7areadde<l to the solvent, the solubility 
of B {i.e., the total concentration of B in tho saturatod solution) will 
increase, since .4 -molecules are formed in solution. At a certain (7- 
content the solution will be saturated with A, and further addition of 
G will transform all the solid B to soliil A. While this is taking place 
the solution is saturated with respect to both B and A. Further 
addition of O will cause the state of the .system to move along the 
solubility cui-ve of A. 

Exactly analogous phenomena will occur if we investigate the 
solubility of C in presence of increasiru^^ quantities of B in the solution. 
This is illustrated in Fig. 1, where the co-ordinates are the total concen- 
trations of B and C, and the curves 4, B ami C represent tho solubilities 
<5f these three solids. The j.>oints of intemeotion AC and AB are double 
points at which two solid phases are pr^^ent simultaneously. (A third 
unstable double point occurs at the intersection of the B and C curves.) 
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Even when -molecules are present at finite concentrations in the solu- 
tion it is easily seen that the ^-oui-ve will be a hyperbola. Its axes 
are not however the co-ordinate axes, but are those represented by 
dotted lines in the figure, where the distance between the two origins 
is equal to the concentration of A -molecules in a solution saturated 
with A. This concentration is also equal to the increase of solubility 
along the straight lines A and B between pure solvent and the double 
points (marked with dotted lines in the figure). 

Curve systems of this type often occur in non-electrolyte systems 
(e g., anthracene -j- picric acid, or naphthalene picric acid) where 
the components combine to give a solid molecular compound consisting 
of one molecule of each component. 

Equilibria corresponding to equation (25), in which the solid 
phase is a compound of the two components, are of particular 
importance in connection with electrolytes. The product of the 
concentrations of the components in the saturated solution is 
termed the solubility product. It is seen easily from the above 
considerations that the product of the concentrations of the dissocia- 
tion products in the saturated solution must be a constant, both 
for the simple case treated above and for more complicated 
dissociations. 

Systems resembling that represented in Fig. 1 will be dealt with 
further in Chapter VII. 


4. The Effect of Tempeeature 

(a) Thermodynamic Treatment. According to eq\)ation (8), the 
equilibrium of the mobile system 

+ Ba,A2 -{-•••• ne.Bi -f ixb.B^ + • • • •, 

is determined by the equation 

— = 0 , 


the standard states being chosen in such a way that this equation is 
satisfied for a single possible state of the system. Introducing 
IV. (13) 


.“s, — Pa, (0) = R Tlnp^^ , (27) 

(where /iA,(o). the potential of A, at unit pressure, depends only on 
the temperature), we obtain 

^^A,pA,(0) = RTlnKp, 


(28) 
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We will introduce the following abbreviations for the suras occurring 
in this equation, 




(29) 

(30) 


and shall use a similar terminology for the other thermodynamic 
functions. We thus obtain 


= RThiKp, 




Differentiating this equation with respect to temperature, remem- 
bering that 

leads to the following equation, 

( 0 , - , 0 ,)., <-^ 2 ) 

or, introducing (31), 

Using 1. (30), // = (? 4- TS, R, = /i, -f TS, we obtain finally 

(33) 


B-r- = //;, - Ha = Qr, 


where Qp is the heat absorbed by the process A —>■ B at con tant 
(but otherwise arbitrary) pressure. 

Since Kn — > this equation shows that an increase of tempera- 

Pji 

ture will favour the system having the greatest R-valuo, i.e., the 
system which is formed from the other system by absorption of heat. 
This agrees with Le Chatelier’s princijde. 

An expression containing instead of Kp can be derived from 
(33) by introducing (6), 

The expression thus obtained is 

(34) 

where Q, is the heat absorbed by the process A — 5 at constant 
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voluBBs.' The variation of is thus related to the energy in the 
same way as the variation of Kj, is related to the heat content. 

Both (33) and (34) can also be easily derived by applying the 
second law in the form 


9 = 



to the complete process (1), using the expression in equation (4) 
for the work obtainable from the process. 

By integrating the differential equation (33) on the assumption 
that Q is constant we obtain 




— ( 35 ) 

where / is a constant. This equation can also be written in the form 

J 


K, 


'p.2 


H\l\ 


(36) 


which shows how the equilibrium constant at one temperature can 
be calculated from its value at another temperature and the heat 
change associated with the process. (35) shows that there is a 

linear relation between InKy and which may be used for a simple 


graphical treatment of experimental data. However, as mentioned 
above, these expressions depend on the assumption that Q can be 
considered as independent of the temperature. 

If this is not the case, Q may be represented by an empirical 
equation 


0 = 0„ + «7’+i8r* + 7r»+ •••, 


when integration of (33) leads to the following expression : — - 






+ /, (37) 


where Qq, a, ^, . . . are thermal quantities (i.e., quantities which 
can be determined from measurements of heat changes and specific 
heats), while / is a constant which cannot be derived from thermal 
data. The relation between a, )J, . . . and the specific heats is 
obtained from equation I. (71), 

(dlQ\ 

\Ht)p pp(/<)' 

since if the specific heats are given by the equations 


= “j + fiiT + + • ■ • 1 

Cp(B) = -i" "i" • • • I 


(39) 
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it is easily shown that 

« = «2— «1, j 

= (40) 

7 = J (72 — ri), 1 

etc. 

Analogous expressions are obtained by using K„ JF and c„ in 
place of Kp, Q and Cp. 

The above expressions for tbe effect of temperature on homo- 
geneous equilibria are based on the first and second laws of thermo- 
dynamics, i.e., on “ classical ” thermodynamics. In a later section 
[X. l.J we shall deal with certain results obtained in this field by 
considerations of molecular theory, in particular the so-called 
“ third law of thermodynamics.” 

(b) Gaseous Systems. At constant temperature the nitrogen 
peroxide equilibrium 

2NO^ 

obeys the equilibrium expressions (14) and (17). By combining 
the first of these equations with (34) we obtain the following expres- 
sion for the variation of the degree of dissociation with temperature 
at constant volume, 


«?(i— «2) JE/i n 
■2(i-«i) j{ [ti tJ' 


By inserting in this equation the degrees of dissociation at two 
temperatures (determined from the densities : cf. (18) ), we find 

AE = 12,900 cals. 

in agreement with the value determined calorimetrically, 

AE = 12,500 cals. 

As for most other gaseous dissociations, the heat produced on 
dissociation is negative. The process of dissociation thus absorbs 
heat , and the degree of dissociation should increase with increasing 
temperature, in agreement with experiment. In contrast to this 
we may take the reaction 

2NO Aj + Oj 

which is a “ dissociation ” from a chemical point of view, but which 
jgfnot characterised by any increase in the number of molecules. 
The decomposition of nitric oxide is accompanied by the evolution 
of heat, and an increase of temperature thus renders the compound 
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more stable 'with respect to its components. The heat change in 
this reaction is practically independent of the temperature, since 
the molar specific heats of the three compounds are almost identical : 
hence the simple expression (35), or the analogous one, 

/nK, = -~^ + /, (42) 

can be used over a large temperature range. Table II shows the 
equilibrium concentration of nitric oxide in air at various tempera- 
tures. 


Table II. The Nitric Oxide Equilibrium 


T 

®/o so (exp.) 

“/o NO (cslc.) 

1811 

0.37 

0.35 

1877 

0.42 

0.43 

2033 

0.64 

0.67 

2195 

0.97 

0.98 

2580 

2.05 

2.02 

2675 

2.23 

2.35 


The calculated percentages of NO are obtained from (42), using 
= 43,200 cals, and taking for I the value giving the best agree- 
ment with experiment over the whole temperature range. It 
will be seen that nitric oxide is not very stable even at temperatures 
above 2,000". 

In using the above equations it must be remembered that In 
means natural logarithms, and that the gas constant J? = 1 -985. 
If decodic logarithms are used, R must be replaced by the factor 

2-303if = 4-57. 

A reaction which has been accurately studied over a large tempera- 
ture range is the dissociation of iodine. 



The relation between — and logio for this reaction is shown in 

Fig. 2. It is almost linear, as would be expected from (35). In 
agreement with the negative heat of dissociation, the constant 
increases with increasing temperature and reaches a value of Kp = 1 
at about T = 1,450°. Application of equation (35) gives Q = 
34,600 cals. 
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The dissociation of water vapour into oxygen and hydrogen 
has also been measured accurately at high temperatures. At tem- 
peratures of about 1,000° the equilibrium can be investigated by a 
“ streaming method,” in which the water vai)our is passed through 
a tube heated to a constant temperature so that equilibrium is set 
up during passage through the tube. If the equilibrium mixture 



is rapidly cooled it is possible to ” freeze ” the equilibrium, so that 
no change of composition takes place during cooling. If the quantity 
of water vapour is known, the degree of dissociation can easily be 
calculated from analyses of the amounts of hydrogen and oxygen 
formed. 

At higher temperatures, e.g., 1,500°, it is not possible to cool the 
mixture sufficiently rapidly to avoid a displacement of the equili- 
brium while cooling, and this method is therefore not applicable in 
this temperature range. Use may be made of the fact that platinum 
and iridium are permeable to hydrogen at high temperatures, but 
not to oxygen or water vapour : by this means it is possible to 
measure directly the partial pressure of hydrogen in the equilibrium 
mixture. At still higher temperatures the degree of dissociation 
can be calculated from measurements of the pressure produced 
when mixtiues of hydrogen and oxygen explode. 

The relations between the concentrations, the total pressure and 
the degree of dissociation for the process 
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ate eaaOj seen to be 

p 2a 

ch, — 

P ^ 

Co. — ^‘2:^^’ 

p 2 — 2a 

CH.0 —^ ^^a ’ 

whence, introducing (6), 

Kf = KcRT = p (2 a)(l — «)»■ 

The variation of Kp with temperature can be calculated from 
equation (33), the thermal quantities used being the heat of com- 
bustion of hydrogen (67,650 cals, per mole at constant volume at 
100°) and the specific heats of the substances concerned. Values 
of the degree of dissociation a can then be calculated from the last 
equation, and are given in the last column of Table III. They are 
compared with the values obtained experimentally by the methods 
given above. T is the absolute temperature, and the data refer to 
a pressure of one atmosphere. 


Table III. The, Disaociation of Water Vapour 


T 

102a (exp.) 

lO^a (calc) 


0.0027 


1397 

0.0078 

0.0084 

1460 

0.0189 



0.0197 


1561 


0.0368 

21.55 


1.18 

2257 

1.77 

1.79 


2.6 

2 08 


Water vapour is thus only about 2% dissociated even at 2,000° C. 

Similar considerations apply to the dissociation of carbon dioxide. 
At a pressure of one atmosphere the following figures ore found for 
the degree of dissociation : — 
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Tablk IV. The, Dissociation of HjD and CO, 


T 

o {H,0) 

a (COj) 

1000" 

1600 

2000 

2650 

3.02 - 10—’ 

1.97 - 10—* 

6.88 • 10—* 

3.98 • 10—’ 

1.68 10 

4.06 • 10—* 
1.77 ■ 10—’ 

1.68 . 10—’ 


It will be seen that the dissociation of carbon dioxide increases 
more rapidly with temperature than the dissociation of water 
vapour : this is in agreement with the fact that the heat of com- 
bustion of carbon monoxide is greater than that of hydrogen. 

The equilibrium constants for the dissociation of water vapour 
and carbon dioxide can be used to calculate the equilibrium in the 
water gas reaction, 

C0 + H,0:^H, + V0„ 


for which 


writing 


we find 


Ch.Cco, _ ^ 
cco ch,o 


*i> 

CH.0 


CCQCq, 

Cco, 


= Ki, 



(43) 


Determinations of K at different temperatures have been used 
to verify the dissociation constants found for water vapour and 
carbon dioxide. 

Equation (43) is an example of the general rule that if a reaction 
can be written as the sum of several partial reactions, then its 
equilibrium constant can be expressed as the product of the equili- 
brium constants for the partial reactions. 

The equilibrium between ammonia and its constituent elements 
has been specially investigated in the temperature range 300"-r)00‘' C. 
in presence of catalysts. The dissociation constant 


Kp 



ipereoses rapidly with increasing temperature. Increase of pressure 
v^ll clearly favour the formation of ammonia : this fact is of import- 
ance in the industrial synthesis of ammonia. At very high pressures 
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Kj, decreafies, i.e., the yield of ammonia is greater than the value 
calculated from the gas laws. 

Table V gives some values for the percentage of ammonia in an 
equivalent mixture of the components when equilibrium has been 
reached, t is the Centigrade temjjerature, and p the pressure in 
atmospheres. 


Tablb V. The Ammonia Equilibrium 


i 

10 

100 

1000 

350 

7.35 





400 

3.85 

24.91 

— 

450 

2.04 

16.36 

69.4 

500 

1.20 

10.40 

— 


(c) Homo-heterogeneous Systems. The temperature dependence 
of the equilibrium constant of a homogeneous reaction is given 
by (33), 

dlnKf, _ „ 

-jf- - Up. 


If this equation is combined with equation II (49) for the heat of 
vaporisation of the substance (e.g., in the solid state), 



dT 


we obtain 

dlnK'„ r\' 



RT^-^ = Cp, 

(44) 

where 

K = 

(45) 

and 

Q', = Q,A- 

(46) 


Kf is obviously the mass action constant for the homo-hetero- 
geneous reaction A — ► B in which the substance A^ takes part as a 
solid (c/. [3. a.]). Further, it is clear that Q'^ is the heat change for 
the same process. 

This result can be expressed in a general form as follows. Let 
one or more of the components in the equilibrium scheme (1) react 
in the solid form, and let the mass action constants obtained by 
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omitting the factors corresponding to these components be K'p and 
Kc- Then the variation of Ep and E' with temperature is given 
by equations analogous to (33) and (34), using the heat change for 
the reaction (1) when the components in question react as solids. 
For example, for the equilibrium 

G+ 00^:;! 2CO 

the temperature variation of the constant Kp — —^2. jg obtained 

Pco, 

from equation (44) by introducing the heat change for the reaction 
between solid carbon and gaseous carbon dioxide. 

Specially simple relations are obtained when the gas phase only 
contains one component, e.g., in the reaction 

(Nb,2^0^, + 10(E,O)™p„„ 

We have, since Kp — pwaO- 

where Q is the heat absorl>ed in the efiBorescence of the hydrated 
salt {Na^SO^, 10ll^0)crp^, according to the above equation. 



CHAPTEE VII 

ELECTROLYTES 

1. The Theory of Elbcteolytio Dissociation 

Most substances which are termed salts (and to a certain extent 
acids and bases also) exhibit an “ electrolytic conductivity ” in 
aqueous solution. When a current passes through their solutions, 
matter is transported. These substances also exhibit anomalies in 
their osmotic behaviour, t.g., the freezing point depression and 
vapour pressure lowering of their solutions are abnormally large. 
It was on observations of this kind that Arrhenius based his theory 
of electrolytic dissociation (1884-87). 

According to this theory, the molecules of substances possess- 
ing the above characteristics are dissociated in aqueous solution 
into electrically charged components, known as ions. Thus, for 
example, potassium chloride dissociates according to the scheme 
KCl — *• + Gl~. The electrical conductivity of the solution is 
then due to the motion of the ions in the electric field, and the 
increase in the freezing point depression to the increase in the 
number of solute molecules. 

The classical electrolytic dissociation theory supposed that a 
dissociation equilibrium was set up in solution, t.g., for potassium 
chloride 

KGi:^K+ + Cl-. 

If the degree of dissociation is a, the number of solute molecules 
formed from one molecule of KCl will obviously be 1 -|- a. Provided, 
that the laws of dilute solutions can be applied to the mixture, the 
factor 1 + a will also represent the ratio of the observed molar 
freezing point depression — J to the normal freezing point depression 
— In this case we have 

^ = 1 + « = /, ( 1 ) 

where % is the so-called van’t Hofil factor. Both t and a can be 
determined from measurements of the molar freezing point lowering, 
using for — dg the value 1'86 previously given. The fact that — d 
is found to increase with increasing dilution is in agreement with 

IM 
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this interpretation, since according to the laws for dissociation 
equilibria [VI. 2. c.] a should increase in the same way. 

The electrolytic conductivity can te used similarly for determining 
the degree of dissociation. Since the conductivity of one gram- 
molecule of salt is due entirely to the ions formed by dissociation, 
according to the classical theory it should be proportional in dilute 
solutions to the number of ions, t.e., to the degree of dissociation. 
We should therefore expect that with increasing dilution the molar 
conductivity would increase, finally reaching a maximum value 
corresponding to complete dissociation. If this maximum con- 
ductivity is d ^ , and the conductivity corresponding to a degree of 
dissociation a is d , we have 



We thus have two independent methods of determining a, and 
for a large number of salts there is reasonable agreement between 
the values found by the two methods. Arrhenius’ theory is in 
general capable of accounting for a large proportion of the charac- 
teristic properties of electrolytes. 

The equilibrium laws valid for dilute solutions lead to the mass 
action equation VI. (14), 

( 3 ) 

If, however, the values of « obtained by the methods described 
above are inserted in this equation, »o verification is observed in 
the case of salts which are dissociated to a large extent, the quantity 
K exhibiting marked variations with concentration. Equations (1) 
and (3) are based on exactly the same assumptions, i.e., the validity 
of the simple gas laws and the equation of state 

PV = ET {I + a) = RTi 

derived from them. It is therefore a thermodynamic necessity that 
the simple gas laws are not applicable to strongly dissociated electrolytes 
and that the degrees of dissociation calculated on the above assump- 
tions must be considered as illusory. The same conclusion is reache<l 
by considering a number of other cases in which solutions of this 
kind deviate from the simple laws applying to non-electrolytes. All 
these deviations are referr^ to together as “ the anomalies of strong 
electrolytes.” 

Jp the case of strongly dissociated substances these anomalies are 
present even in very dilute solutions, and it is natural to attribute 
them to the presence of electric charges on the ions. On this basis 
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it has proved posaible to develop a theory of electrolytes which is in 
most respects satisfactory. 

2. Stkono Electholyte-s 

(a) The Complete Dissociation of Strong Electrolytes. While 
properties such as the electrolytic conductivity and the freezing 
point appear to indicate incomplete dissociation of salts like potas- 
sium chloride and other strong electrolytes, there are other properties 
t.g., the colour or catalytic activity, which indicate that these 
electrolytes are completely dissociated into ions at all ordinary 
concentrations. The modern theory of strong electrolytes assumes 
that the latter interpretation corresponds to the true state of 
affairs, and that the conclusions previously drawn from freezing 
points and conductivities are untenable because the electric forces 
between separated ions were not taken into account (Bjerrum). 

This conception harmonises with the previously mentioned fact 
that substances like KCl and NaCl form ionic lattices in the solid 
state, and are not present as salt molecules. 

It is clear that there must be forces of attraction between oppo- 
sitely charged ions in an electrolyte solution. These forces will 
tend to bring the ions together with the formation of ion pairs 
held together by electrostatic forces. On the other hand, 
thermal agitation will tend to dissociate such “ electrostatic mole- 
cules ” into their constituent ions. The net result of these two 
opposed tendencies will depend upon the temperature and the 
solvent, as well eis on the ions themselves. An increase of tempera- 
ture will increase the tendency to separation arising from the mole- 
cular motion, and the same result will be produced by passing 
from a solvent of low dielectric constant to one of high dielectric 
constant, since the electrostatic forces between two charged particles 
are inversely proportional to the dielectric constant of the surround- 
ing medium. Water has a very high dielectric constant, with the 
result that typical binary electrolytes in aqueous solution can be 
assumed to consist essentially of free ions under ordinary experi- 
mental conditions. On the other hand, the electrostatic forces are 
large enough to afiect both the thermodynamic properties and the 
conductivities of the ions, thus producing the illusion of incomplete 
dissociation in the classical treatment. 

(h) ActivitieB and Activity Coefficients. The most important 
problem in the theory of salt solutions is to determine the variation 
of the thermodynamic functions with the concentration of the 
solution. The activity function is particularly convenient for 
reprewnting the efieot of concentration at constant temperature. 

For a binary electrolyte like KCl the thermodynamic law of mass 
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action yi. (23) will hold, independent of the degree of dissociation 
of the electrolyte, ^.e., 

°K+ flci- = (4) 

where is a constant depending on the temperature but not on 
the concentration. An equation of this kind is purely thermo- 
dynamic in character, and is valid independent of whether or not 
the molecules in question are actually present in the solution. If 
however (in agreement with modern views) the concentration of 
undissociated salt molecules is practically zero and cannot be 
determined by any means, then the insertion of any arbitrary 
numerical value for this concentration will have no effect on the 
thermodynamic treatment of the salt solution. It is therefore 
permissible, and particularly convenient, to standardise the activities 
in such a way that equation (4) assumes the simplest possible form, 
i.e., putting £ — 1. We then obtain a purely conventional definition 
of the activity of the salt in terms of the activities of the ions, 

~ Cl ’ (5) 

or more generally, for any binary salt, 

= a| = as. (6) 

where a, is the activity of the salt andaj_ the mean activity ” of 
the ions. 

It has been previously mentioned [V. 1] that it is advantageous 
to choose the arbitrary proportionality factor occurring in the 
definition of activity in such a way that the activity and mole frac- 
tion X of the solute became identical at infinite dilution. In the 
present instance we can standardise the activity of the ions, when 
the activity of the salt will also be fixed according to the above 
equations. Instead of defining the activity in terms of the mole 
fraction, as above, it is more convenient to standardise the activity 
of the ions so that it coincides with the ionic molar concentration 
(or molarity) at infinite dilution. If we use the symbol m to denote 
the molar concentration of both ions and salts, then for a binary 
electrolyte at infinite dilution we have 


a± = a+ ~ a- = m — nij, = m_. ( 7 ) 

In conformity with this, the activity coefficient of a solute species 
will be defined as the ratio between the activity and the molar 
concentration of that species, so that we can write 

f =2±-, . 

ni+ ’ ' m- 


( 8 ) 
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tss 

while the ntean ionic activity coefficient and the activity coefficient 
of the 8cdt are correepondingly defined by the simple equation 

( 9 ) 

For a salt of higher valency type the corresponding expressions are 
of course somewhat more complicated. If the salt dissociates into 
cations and v- anions, where -[■»'- = »'i then 



whence at infinite dilution, 


, V V± V Vi V_ 

and = (10) 

On the basis of (10) we can define the activity coefficients as 



fs~ 

<*5 




(11) 

and 

f± = 



:± Jir ’ 

(12) 


y V 

mv^ v_ 


or by an equation analogous to (9), 

/:+/:-=/’s=4^ (13) 

which makes ooeffloients assume the value imity at infinite dilution. 

If in these expressions we put v+ = >>_ = 1, we obtain the simple 
expressions (6) and (9) for the activity and activity coefficients of a, 
uni-univaJent salt. 

It should however be noted that the activity and activity coefficient 
of a single ionic species are not accessible by ordinary thermodynamic 
methods. These methods depend on considerations of the work obtain- 
able by transferring the moleculskr species in question from one state 
to another, and when dealing with charged particles this work of 
transfer depends to a very great extent on the distribution of electric 
charges in the phase under consideration. This problem does not arise 
as a rule, since the operations usually dealt with consist either of the 
simultaneous transfer of ions of opposite signs, or the replacement of 
one ion by another of the same charge : in either case the net transport 
of electricity is zero. The effect of the charge can be eliminated in 
principle only if the phases between which the transfer takes place ara 
electrically neutral. 
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The thermodynamic behaviour of a salt solution at constant 
temperature can be completely described in terms of activity 
ooefScienta. In the following sections we shall deal with the most 
important methods available for determining the activity coefficients 
of salts. 

(c) The Variation ol Activity Coefficients with Concentration. 

The effects due to the electric charges of the ions are apparent even 
in the dilute range in which non^ilectrolytes usually obey the simple 
gas laws with considerable accuracy. Since the deviations from 
ideal behaviour are due to the charges, we should expect that dilute 
salt solutions of the same charge type will behave in approximately 
the same way. 

It has already been pointed out that the ions in a salt solution are 
not distributed in a perfectly random manner, but that positive ions 
will tend to be surrounded by an excess of negative ions, and vice 
versa. Each ion will be surrounded by an “ ionic atmosphere ” in 
which there is an excess of ions of opposite sign. This arrangement 
of ions will diminish their chemical potential, and the effect will 
increase with increasing salt concentration. Hence on account of 
the relation IV. (61) between chemical potential and activity 
coefficient, the latter will decrease with increasing salt concentration. 

These ideas have been developed quantitatively by methods 
which will be described later. For a uni-univalent salt like KOI 
dissolved in water at ordinary temperatures it is found that the 
mean activity coefficient is given by the equation 

— log /■+ = « (1*) 

or, if we assume that the activity coefficients of the two oppositely 
charged ions are both equal to /j, 

— log/’i=«Vm. (15) 

where a is a constant having a value of almost exactly 0*5 at ordinary 
temperatures. These equations are however only valid for very 
small concentrations, considerably below 0*01 molar. For concen- 
trations up to about 0*1 molar the activity coefficient appears to 
be given by adding a linear term to (15), giving 

— log A = — f+ — a^m — /?m, ( 16 ) 

\^ere /S depends on the nature of the salt. For the alkali chlorides 
P is about 0*5. 

It will be seen from these equations that the curve representing 
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the relation between the activity coefficient and the concentration 
must have an infinite slope at m = 0, since 

\dm)m=o ^ 

It also follows from (16) that there is a linear relation between Infi 
and y'm in the dilute range. This is illustrated in Fig. 1, which 



Fio. 1. 


represents the behaviour of potassium chloride. The ordinate is 
— logi,/i, while the abscissae for curves I and II arc \/m and m 
respectively. 

Fig. 2 shows the variation of / with m, also for KCI, while Table I 
gives the corresponding values of /j. at round concentrations. 
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Table I. Activity Coefficients of KCl 


m 

f ± 

0.0001 

0.989 

0.001 

0 966 

0.01 

0.902 

0.1 

0.780 


At high dilutions the individual properties of different salts are 
not in evidence, and in agreement with (16) the activity coefficients 
of ions of the same charge will be independent of the nature of the 
salt. On the other hand, we should expect that the activity coeflS- 
cient will depend on the charge of the ion considered, and also on 
the charges of the other ions present in the solution. The effect of 
this factor is expressed by the equation 

— log J/^, (18) 

where « has the value previously given, is the activity coefficient 
of an ion of charge (or valency) z, and p is the ionic strength. The 
ionic strength is defined by 

(19) 

W'here c is the equivalent concentration of any ion in the solution. 
For example, lor a 0-01 molar MgCl.^^ solution (19) gives 

H = ^(0.01 • 22 + 0.02) = 0.03 
or 

iU = ^(0.02-2 -f- 0.02) = 0.03 

According to equation (18) the activity coefficient of an ion will 
thus be the same in solutions of the same ionic strength, e.g., in 
0-03 molar KCl and in 0-01 molar MgCl^ or K^O^. However, in 
cases involving ions of high valency the equations given are only 
valid at high dilutions. 

If ions of small and varying concentrations are dissolved in a salt 
solution of large and constant concentration, then the activity 
coefficients of the former ions will be practically constant, since for 
each ion the activity coefficient depends only on the total ionic 
concentration. The simple laws of dilute solutions are therefore 
a^licable to such solutions. 

It has previously been shown [A 1] that the laws of dilute solu- 
tions can be expressed in terms of the activity coefficients/j and/j 
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for the eomponents and Kq, by the following equations, valid at 
infinite dilution, 


dx 


= 0 . 


V. (13) 


== 0, V. (14) 

'dx ’ 

and it was also shown that Raoult’s and Henry’s laws will hold 
provided that these equations are satisfied. Using m in place of x, 
V. (13) can be rewritten as 


^ = 0 . ( 20 ) 

dm f 

In order to investigate whether these equations are also valid for 
electrolytes, the expression (16) may be used. On differentiating 
with respect to m, it gives 

d log A , _ 1 j 

= 4 «ni « — 

am 

or 

— 0.4343 ni = 4 am’ — /Sin. 
dm 

Since the right-hand side of this equation becomes zero for m = 0, 
equation (20) is satisfied. Henry’s law will thus hold as a limiting 
law for the individual molecules or ionic species, in spite of the fact 
that from (17) 



at nt = 0. It IS easily seen that the same will apply to salt solutions 
of higher valency types. 

Since V. (13) and V. (14) are interdependent, Raoult’s law must 
also hold as a limiting law for salt solutions. 

Instead of expressing the laws of electrolyte solutions in terms 
of the activity coefficients of the ions, we may also use either the 
activity coefficient of the solute,/, or the osmotic coefficient ij>. The 
relation between /, and ^ is obtained in the following way. For 
ideal solutions we have from IV. (57), 


— /•‘o(o) = RTln (1 — x), (21) 

while for non-ideal solutions the concentration of the solvent must 
be replaced by the activity a, = (1 — a:)/,. We therefore have in 
general. 


/‘o — /^o(oi = RTln (1 — x)f^. 


( 22 ) 
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Further, V. (6) gives as a limiting law for ideal solutions, 

/-‘o — Nm ~ — RTx, (23) 

while we can write in general 

H-o Mo 10) — — RTxif, ( 24 ) 

the last equation constituting a deBnition of the osmotic coefficient w. 
When these equations are applied to salts, u: is the sum of the mole 
fractions of the ions. 

It is easily seen that the osmotic coefficient for salts is relakul 
to i by the following general equation, 



(25) 


where i is the van t Hofi factor determined thermodynamically 
and V the number of ions formed when one molecule of salt disso- 
ciates completely. 

(22) and (24) give 


/n(l — x)f^ = — (fx. 


or, putting 


ln( 1 - r) = — r 


(which is [jcmiissihle for small values of x), 


( 2 ( 1 ) 


/n/o = (l— 9))x (27) 

which is the required relation l>et«cen/( and 
It is now possible to derive a relation betv(‘en the osmotic 
coefficient cp and the activity coefficient of the salt, assurmng the 
solution to Contain a single salt the concentration of which can 
vary. This relation is obtained by using the Gibbs-Duhem equation 
in the form V. (15), 


, dlnfi 




dx 




If this is introduced in equation (27) differentiated, 


dinfj, 

dx 


(1 — y) — -v 


df 


dx 


we obtain 


(28) 


-(1 — y ). 


(29) 


dx ' dx 

If*the component N , is a salt, it is easily seen that the mean activity 
coefficient f±. must be used in place of Since further there is 
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direct proportionality between m and r, (29) can be rewritten as 

(30) 


cHnf+ d(f 

III -T-— = HI 

am dm 


where m is the molality of the salt. It will be seen that a knowledge 
of at a given concentration is not sufScient for calculating /, but 
that it is necessary to integrate over the range zero to m, and hence 
to know 9 ? over the whole of this range. 

We can apply equation (30) to solutions of a binary electrolyte 
which obeys equation (16). Using (30), it is easily seen that a 
relation of the form 


1 — (f = a [/ni + bin, 

leads to 

— liif^ = 3(1 [//II -j 2bm, 

whence for sufficiently dilute solutions, 

dlnf^ — 3d(p, (31) 

If therefore (16) is assumed to represent /, the osmotic coefficient 
must be given by 

0.4343 (1 — 9P) = ^)/ni “Y m. (32) 

The coefficients a and can thus be determined by measuring the 
osmotic coefficient of the solution over a sufficiently large concen- 
tration interval. 


Another expression for / has been proiiosed, which is applicable at 
somewhat higher concentrations than (16), but which does not agree 
with experiment in the most dilute range. It is 

— log/'-- u^m, 

where a is a constant characteiistic of the salt. 

We shall now deal with a few of the most important methods 
which have been used for determining the activity coefficients of 
strong electrolytes. 

(d) The Solubility of Strong Electrolytes. If determinations are 
made of the solubility of a sparingly soluble salt in aqueous solutions 
of a second salt having no ion in common with the first, it will be 
found that the solubiUty increases -with the concentration of the 
second salt. An example of this is shown in Fig. 3, where the 
solubility of AgCl in sodium nitrate solutions is plotted against the 
oonoentration of the sodium nitrate. 
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AccortUng to the classical theory of electroljrtes, the “ solubility 
product” [VI. 3. c.] is constant, and the increase in solubility 
observed was attributed to the formation of undissociated salt- 
molecules in the solution. Thus in the example considered here 



the reaction AgCl + NaNO^-*- AgNO^ f NaCl was supposed to 
take place, the increase in the silver content of the solution being 
identified with its content of AgNO^ molecules. 

However, on the basis of modern idea.s about the dissociation of 
salts (as developed above), the increase in solubility must be 
attributed to other causes. Since the gas laws are not valid for 
the ions, the thermodynamic law of mass action and [VI. 2. e.] 
show that the law for the ‘‘solubility product ” of AgCl must be 
written in the form 

^Ae+’Ocr- — Ka, (34) 

where a is the activity and a constant independent of the 
concentration which is termed the thermodynamic solubility product. 
Equation (34) can be written 

/aj+ ^cr~fa- — Ka, (36) 

or 

=«*/?= if., (36) 

or 

logs -j- log/, = i log Ka, (37) 

wfiere is the ordinary solubility product, s the solubility and /, 
the activity coefficient of a univalent ion. If the salt in the solvent 
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is a uni-univalent salt like NaNO^, and the solution is sufficiently 
dilute for ( 14 ) and (15) to be applicable, then (37) gives 

log « = I log iTa + o 

where m is the total molarity of the solution. (38) can also be 
written as 

dlogs 

— ^ = a. 

It is thus possible to determine the constant a in equations (14) 
and (15) from solubility measurements. If the observed values of 
login * plotted against \'m, then in the range where (16) is valid 
a straight line of slope a will be obtained, while the intercept on 
the solubility axis will !«> equal to 4 log K„. 

If the solubility of the salt in pure water is and if the value 
of this is so small that the activity coefficients of the ions can be 
taken as unity, then from (36) we can write A',, = so that (38) 
becomes 

log - = o Vm. (39) 

Sfl 

Experiments of this kind have been used to determine the value 
of «. At higher salt concentrations equation (16) can be applied in 
the same way, but in this case the coefficients /8 will depend in an 
individual way on the nature of the electrolytes concerned. 

It is obvious that the solubilities of salts of higher valency types 
can be used in the same way, though in this case deviations from 
the simple formula* are encountered even at very low concentrations. 

If the sparingly soluble salt has an ion in common with the salt 
which is used as solvent {e.g., AgCl in a KCl solution), the solubility 
product will vary with the total salt concentration in the same 
way as in the preceding case. Equation (35) is therefore again 
valid, but in this case mCl is not equal to s, but to m + s, where m 
is the molar concentration of the KCl solution. We therefore have 
in place of (36), 

s{m + s)rl = Ka, (^) 

or 

logs + log(in + i)-f 21og/'i = logA„, (41) 

or 

log 5 -f log (m -f s) = log Kg + 2a Ym -1- s, (42) 
where again a can be determined from the solubility values. 
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It follows from (42) that the addition of a salt having a common 
ion has a dual effect upon the solubility. On the one hand it 
dinunishes the solubility on account of the term log (m + s) while 
on th^other hand it increases the solubility on account of the terra 

V* + i types of salts we are dealing with here 

the first effect will be predominant, but on account of the opposite 
effect expressed by the square root term the solubility low'oring will 
be smaller than it would be in the absence of electric forces between 
the ions. 

If more concentrated salt solutions are used as solvent it is no 
longer possible to give any simple rules for predicting the effect of 
salt concentration upon the solubility, since the individual factors 
become of decisive importance. In certain cases the increase of 
solubility caused by addition of salts in very dilute solutions will 



*NaCl 



continue into the concentrated range, and very large effects can be 
produced, particularly with solutes of high valency types. In other 
cases the “ salting out effect " (i.e., the deci-ease in solubility which 
salts generally exert on non-electrolytes) will come into action, in 
which ease the solubility curve may paas through a maximum at a 
certain salt concentration. 

The solubility diagram for a system of two or more electrolyte 
components can be treated from the point of view of the phase rule 
just as in the case of non-electrolytes. If the two salts constituting 
the system have a common ion, there will in general be a mutual 
solubility lowering, even if this lowering does not follow the simple 
laws valid for dilute solutions. The accompanying figures show 
tlwee typical examples, the co-ordinates in each ceise being the 
stoichiometric concentrations of the two salts. Fig. 4 shows the 
behaviour of the system NaCl — KCl. The regions 1 and 2 are 
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respectiTOly unaaturated with respect to both components, while 
region 3 is unsaturated with respect to KCl and supersaturated 
with respect to NaCl, and region 4 is supersaturated with respect 
to KCl and unaaturated with respect to NaCl. The dotted parts of 
the curves thus represent unstable states. Fig. 5 shows the diagram 
for the system — MgSO^, where the solid phases are K^SO^, 

Mg80^, and the double salt schonite, K^O^, Mg80^, QHfi. 
At N and M the double salt is in equilibrium with and 

Mg80i, IHjJ respectively. Finally Fig. 6 illustrates the system 
KCl — MgCl^, in which the double salt carnal lite, KCl, MgCl^, QH^O, 
appears. It will be seen from the figures that the difference between 



the last two figures lies in the fact that in the case of schonite the 
double salt can form a stable saturated solution on the addition of 
water, while in the case of carnallite the corresponding saturated 
solution is unstable and will spontaneously deposit solid KCl. 

(e) Determination of Activity Coefficients from Electromotive 
Force Measniements. It will be seen in the chapter on electro- 
chemistry that the electrical energy produced by a galvanic cell 
working reversibly can be taken as a measure of the work obtainable 
from the process producing the current. For example, if HCl is 
formed in a certain type of cell, then if we consider two cells of this 
type with different HCl concentrations the difference in the amounts 
of electrical energy produced by the two cells will determine the 
work of transfer of HCl, and hence from I. (63) and IV. (59) the 
difference in chemical potential and the ratio of the activities. 

If the HCl concentrations are Wi and and the electrically 
measured work of transfer per mole ot HCl ia A, then 

A = 2Rm^^ (43) 

«>*/* 

which can be used to determine the relation between m and/. 
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(t) The Freezing Points of Salt Solutions, it has already been 
mentioned that the abnormal freezing point depressions of strong 
electrolytes were an important factor in the foundation of the 
theory of electrolytic dissociation. This is illustrated by the data 
in Tables II and III, which give the molar freezing point depressions 
of KCl and BaCl^ at different concentrations ; since the normal 
molar freezing point depression is 1-86, the abnormality is obvious. 


Table II. AT for Potassium Chloride 


in 

— /dT mol. 

^(exp.) 

(plS»k.) 

0.00035 

3.71 

0.697 

0.994 

0.002 

S.fiSg 

0.983 

0.084 

O.OOS 

3.643 

0.980 

0.975 

0.01 

3.609 

0.968 

0.967 

0.03 

3.570 

0.959 

0.957 

0.05 

3.505 

0.943 

0.941 

0.10 

3.451 

0.927 

0.934 


Table III. ■ AT for Barium Chloride 


m 

— jTtaol. 

(p (eitp.) 

0.0002 

6.56 

0.966 

0.001 

6.34 

0.967 

0.006 

6.12 

0.916 

0.010 

5.03 

0.902 

0.050 

4.80 

0.860 

0.100 

4.71 

0.843 


As previously mentioned, this behaviour is most readily expressed 
in terms of the osmotic coefficient q>, defined as 



where i is the van’t Hoff factor, determined thermodynamically, 
and V is the number of ions formed by the complete dissociation of 
a salt molecule. If the gas laws are obeyed and there is complete 
dissociation, (p is unity ; hence its deviations from unity constitute 
a measure of the effect of the interioic forces. 

As described in section (c), a knowledge of cp in the concentration 
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range 0 to m can be used to calculate / over the same range. Since 
freezing point determinations can be carried out with high accuracy, 
this method is of great importance for determining activity 
coefficients. 

It should however be mentioned that data obtained from freezing 
point estimations do not strictly refer to a constant temperature. 
For more concentrated solutions a correction must be applied to 
allow for the complications thus introduced. 


(g) Laws Govetning Volume and Thermal Qualities. By applying 
the general expressions IV. (42) and IV. (46) to the volume of solutions, 
we obtain 


V = *V, + (1-*)V,, (45) 


3wfVj + (l-a;)rfVa = 0, (46) 


and these equations are applicable both to electrolytes and to non- 
electrolytes. 

When S' — 0, 


dV,- 


— oo. 


This condition is satisfied in a way which differs from the corresponding 
condition governing chemical potentials. In the case of non-electrolytes 
dV dV 

is finite and --j-I is zero, while in the case of electrolytes Vj depends 

dJ- 

on ihe concentration in the same way as the activity coefficients of 
ions. It is thus seen that addition of solvent to a very dilute solution 
causes no change in total volume. 

Fj, the differential molar volume of a strong electrolyte in solution, 
is in general considerably less than the molar volume of the electrolyte 
in the pure state, and in many cases is even negative. This is due to 
the electric field surrounding the ions exerting a compressing effect on 
the water molecules, which have a marked electrical structure, though 
no net charge. 

Of the thermal phenomena associated with electrolytes, the heat of 
dilution is most easily treated from a theoretical point of view. If we 
differentiate with respect to temperature equation (22), 


we obtain 


f'o — ^0(0) = RTln (1 — x)fo. 


df/o 

If 


dfMM) 

dT 


dlnfo 

RT^ + Rln(\-x)ro, 


(47) 


or 

-H„ + Hm = RT‘^- (48) 

It is thus seen that the heat of dilution is zero if /q is independent of the 
temperature. If the temperature variation of /g is known, (48) can be 
used to calculate Q : — Hg (,), which is the differential heat of dilution. 
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i.e.. the heat absorbed when one mole of is added to a large quantity 
of the solution. By means of equation (27). (48) can be expressed in 
terms ot the osmotic coefficient instead of /,,, gix ing 


Q = RT^x% (^fl) 

dT 

The variation of the activity coefficients with temperature dqiends 
on two effects. In the first place an increase of temperature will produce 
an increase in f^, since an increasi-d thermal motion will decrease the 
effect of the electric forces. In the second place the temperature will 
affect the dielectric constant of tlie medium and hence the electric 
forces, which decrease with inercasing D. It will bo shown later that 
in sufficiently dilute solutions of a uni-univalcnt salt we have 

= (50) 

(DTf 

where B is a positive ennsfant. Ihfferenfiating (5(») anil introiliicing (HI) 
we oVitain 


^dT ~ 




r ^ 

D dT 




or by introducing (49) 


Q = Ho — Rota) — 


L . dtnD \ 

' dl/iT/ 


(61) 


(62) 


Measurements of the dielectric constant of water show that in this ease 


dlnP 

dlnT 


1.5, 


and Q is honce negative. Thi.s moans tliat heat is evolved when salt 
solutions are diluted. These calculations arc however only valid for 
extremely dilute solutions. 


For salts such as KCl, NaNO^, etc., the heat of solution is negative, 
i.e., heat is absorbed when the salt is dissolved. This depends upon 
the fact that thermal energy is nei-ded to separate the oppositely 
charged ions. However, at the same time “ hydration ” takes place 
with the evolution of heat, and if this heat evolution is large enough 
the total heat of solution can be positive. 

The specific heat of salt solutions is often conspicuously low, so 
that in many cases the salt appears to have a negative heat capacity 
in solution. This is due to the same factors as those which cause 
small or negative molar volumes in salt solutions. 

(h) The Theoretical Calculation of Activity Coefficients. It has 
already been mentioned that the ions in a salt solution are not 
distributed in a completely random manner, but tend to arrange 
themselves in a certain way on account of their electric charges. A 
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closer study of this problem has led to a detailed theory of dilute 
solutions of strong electrolytes (Debye-Huckel). By applying the 
Boltzmann distribution law to the distribution of ions round a 
particular ion chosen for consideration, and then introducing 
Poisson’s equation from electrostatics, it has proved possible to 
derive the following general equation for the activity coefficient. 


— \0gf= 


2*A^ 
iDT)i ' 


(53) 


where z is the valency of the ion, p the “ ionic strength ” as already 
defined in (19), D the dielectric constant of the medium and A a 
constant having the value 

A = 1-82 X 10* (64) 

if the logarithm in (53) is decadic. 

For aqueous solutions and T 293, D — SO, (52) gives 

— log/ =0.60 (66) 

and for univalent ions 

— log/ =0.50 ^/i^, (56) 

These equations agree well with the experimental values for activity 
coefficients derived from measurements of solubilities, freezing points 
and other sources. 

Equation (53) is however only valid at high dilutions, and in 
more concentrated solutions it must be modified by taking into 
account other factors, e.g., the size of the ions. 


3. Weak Electrolytes 

(a) The Classical Theory. The incomplete dissociation of salts 
mentioned in [2. a.] belongs to the class of phenomena which may 
be termed “ ionic association,” in which ions of opposite charge are 
held together by polar hnks (».e., electrostatic forces) to form 
” electrostatic molecules.” While processes of this kind are pre- 
dominant in solvents of low dielectric constant, in aqueous solutions 
we know a number of cases in which the ions are bound together by 
“ homopolar " forces to form chemical molecules in the ordinary 
sense of the word. “ Weak electrolytes ” are compounds of this 
kind. The term “ complex compounds ” is often applied to com- 
pounds held together by homopolar forces, particularly when they 
may foe formally regarded as salts. 

The most important class of weak electrolytes comprises the 
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‘ weak acids and bases.” Thus according to Arrhenius’ dissociation 
theory a substance like acetic acid in aqueous solution is partly 
dissociated into acetate ions and hydrogen ions according to the 
equation 




(67) 


where E is the acetate ion. Under ordinary conditions, however, 
this dissociation is very incomplete, e.g , in a O'l molar solution of 
acetic acid it amounts only to s<imething over 1%. According to 
the same theory the weak base ammonium hydroxide dissociates 
similarly according to the equation 

NH^OH :^z± NHt + 0H~ (58) 

The hydrogen and hydroxyl ions are thus regarded as typical of the 
dissociation of acids and of bases respectively. 

Investigations of the dissociation of weak acids and bases have 
been carried out on a large scale and have been of great importance 
in the development of the theory of electrolytic dissociation. It is 
clear that “ osmotic ” methods {e.g., the determination of freezing 
points) are not suited to investigate the dissociation of these 
compounds, since in the case of a binary electrolyte these methods 
measure the quantity 1 + a and therefore only give a very inaccurate 
value for the degree of dissociation a if it is small compared with 
unity. On the other hand, the measurement of conductivities is 
well suited to the problem in hand, and it is this method which has 
been of fundamental importance in the development of the classical 
theory of weak acids and bases. 

Experiment shows that the conductivity of solutions of acetic 
acid and other weak acids shows it to be much smaller than the 
conductivity of strong electrolytes at the same concentration, and 
also to increase more rapidly with increasing dilution. Both these 
features agree with the assumption that weak electrolytes are only 
dissociated to a small extent. If the observed values are used to 
calculate the degree of dissociation according to the equation 
previously given 


« = 


(69) 


and the values of « thus obtained are inserted in the equation 


1 — « 


= K, 


(60) 


then it is found that the last equation is satisfied with a reasonable 
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degree of accuracy. The simple law of mass action is thus apphcable 
to weak electrolytes, and such electrol 5 rte 8 can be assigned a “ disso- 
ciation constant ” K which is at least approximately independent 
of the concentration, just as in the dissociation of gases or non- 
electrolytes. This will however only be true if the electrolyte is 
sufficiently weak. 

The value of the dissociation constant K may be regarded as a 
measure of the strength of the acid or the base. Ostwald has 
measured the dissociation constants of a very large number of 
organic acids which were found to obey equation (60) more or less 
exactly. When applied to weak electrolytes, this equation is often 
termed “ Ostward’s dilution law.” The application of the con- 
ductivity method will be dealt with in more detail in the chapter on 
electrochemistry. 

(b) The Acid-base Function. Protolysis. We have seen that in 
the classical dissociation theory acids and bases were characterised 
by their abUity to split off hydrogen ions and hydroxyl ions respec- 
tively. This characteristic may in fact be regarded as the classical 
definition of acids and bases. This definition does not however 
show any reason for the special position usually assigned to acids 
and bases, nor for their complementary but opposite properties. 
This conception also fails to account for the behaviour of acids and 
bases in non-aqueous media. It would appear strange in principle 
that properties so general as those possessed by bases should be 
conditioned by or related to a particular grouping of atoms 
like OH-. 

A more generally satisfactory description of the acid-base function 
is provided by the .scheme 

A B + H+. (61) 

(Acid) (Base) 

According to this definition an acid is a substance which can lose a 
hydrogen ion, thus forming a base, while conversely a base is a 
substance which can gain a proton, thus forming an acid. Two 
substances related by a scheme like the above are termed a corre- 
sponding acid and base. 

The hydrogen ion H+ is identical with the nucleus of the hydrogen 
atom, termed the proton, and since it is the simplest quantum of 
positive electricity which takes part in chemical reactions we shall 
often represent it by the symbol ffi . Further, since the acid-base 
function consists in the loss and gain of such protons, it is natural 
to use the name protolytes as a term embracing both acids and 
bases. 

It follows from (61) that corresponding acids and bases cannot 
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have the same charge, A always having one more positive charge 
than B. As examples of the acid-base function we may quote 

NHt JVff, + 

CHi ; COOH zi=± CHi ■ C00~+ 

HC0T:i=± C0^~+ 

showing that the ammonium ion is the acid corresjtonding to the 
base ammonia, while the acetate ion is the base corresponding to 
the acid acetic acid. According to this view the electrical charge 
on the molecule is thus not of primary importance for the acid-base 
function. According to their charge acids are termed cation acids, 
anion acids or neutral acids, and a similar terminology can be applied 
to the bases. 

Both the above examples and the general scheme (61), however, 
represent reactions which are possible in principle rather than in 
practice. This is because the proton is attracted extremely power- 
fully by other molecules, and under ordinary cireumstanees cannot 
exist in a free state. It can therefore only be detached from one 
molecule if it is simultaneously transfe/red to a second molecule. 
The scheme (61) therefore does not represent jirocesses which 
actually take place, but expresses the acid-base function without 
reference to the subsequent fate of the proton : this latter does not 
affect the principle involved in the definition. 

On the other hand, when considering acid- base reactions actually 
taking place in practice, it is of great importance to realise that the 
proton cannot exist in a free state, but can only be transferred from 
one molecule to another, Since the molecule from which it is 
detached is by definition an acid and the molecule to whicn it is 
transferred is by definition a base, an acid-base reaction in practice 
can be represented as a double reaction between two pairs of 
corresponding acids and bases, i.e., 

A I -b B 2 A 2 -i Bj, (62) 

(Acjdj) (Base,) (Acid,) (Base,) 

where the molecules with the same subscript represent a corresjKind- 
ing acid-base pair. The process in (62) is termed a protolysis or a 
protolytic reaction. This scheme is of verv general application, since 
all the acid-basc reactions which were treated under different 
headings in the classical theory — ' electrol.ytic dissociation” of 
acids and bases, “ hydrolysis ” of salts, ” neutralisation,” buffer 
^|.nd indicator reactions, etc. — can be considered as special cases of 
the double aCid-baae reaction. 

In agreement wdth this idea it will be seen that “ electrolytic 
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dissociation ” oi acids and bases will only take place in solvents 
whioL themselves possess protolytic properties. If the molecule 
of tile solvent is M and it has both an acid and a basic character, 
then its protolytic functions will be represented by the following 
sohemes, analogous to (61), 

M q=±Af® + H+, (63) 

Si® M +H+, (64) 

the addition of ® or © to the molecule M representing the gain or 
loss of a proton respectively. Thus, for example, in the case of 
water, the acid and basic functions are represented by 

ff,0 0H~+ ( 66 ) 

+ ( 66 ) 

When an acid or a base is dissolved in water the function represented 
by (86) or (65) respectively will come into play. For example, when 
acetic acid and ammonia are dissolved in water, the electrical 
conductivity produced must be ascribed to the two following proto- 
lytic reactions. 


CHfiOOH 

+ Hj:) 

CHJOOO- 

■ + H,0^, 

(67) 

(Acid,) 

(Base.) 

(Basej) 

(Acid)j 


+ H^O 

NH^+ + 

OH-, 

(68) 

(Basel) 

(Acidj) 

(Acid,) 

(Base,) 



A comparison of (67) with the corresponding classical equation for 
the dissociation shows that the species formerly believed to be the 
“ hydrogen ion ” (and still usually referred to by this name) is 
actually the ion the hydronium or hydroxonium ion , and (67) and 

(68) show that when acids and bases are dissolved in water, the ions 
HjO'^ and OH~ respectively are always formed. It is however 
clear that these ions are in principle on the same footing as the 
other acid and base molecules taking part, the special position 
which they may be said to occupy being entirely of a practical 
nature, depending on their relation to the solvent as its correspond- 
ing acid and base respectively. 

If the acid or base to be dissolved in water possesses an electric 
charge, in which case it can only be added in the form of a salt, the 
ensuing protolytic reaction can be represented by equations exactly 
analogous to (67) and (68). In this case the protoljdic reaction is 
often described as a “ hydrolysis ” of the salt in question, thus 
ezprMsing the fact that the solvent plays a part in the reaction. 
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When sodium acetate or ammonium chloride k dissolved in water 
the protolytic equations are respectively ’ 


and 


CH 3 . COO + HjO -> CHfiOOH + OH- 

(Basej) (Acid,) (Acid,) (Base,’) 


NH+ + 

(Acid,) (Base,) 


-> NH^ + H^O^. 

(Base,) (Acid,) 


(69) 

(70) 


It will however appear from what has already been said that there 
is no difference in principle between the protolytic reactions of 
electrically charged and electrically neutral molecules, and it is thus 
superfluous to make any distinction between the two cases. 
Similarly, there is no reason for distinguishing between the “dissocia- 
tion constant ” for electrically neutral protolytes and the so-called 
“ hydrolysis constant ” for charged protolytes. 

If equation (69) is read from right to left it obviously represents 
the reaction between acetic acid and a strong base like sodium 
hydroxide which is completely dissociated into ions ; similarly (70) 
read from right to left represents the reaction between ammonia 
and a completely protolysed acid like hydrochloric acid. Processes 
of this kind are described as “ neutralisation processes ” and, like 
the reverse “dissociation” or “hydrolytic” processes, they are 
included in the general scheme (62). They occupy no speciarplaee 
among protolytic reactions, but it is convenient to use the name 
“ neutralisation ” when the protolytic reaction is almost complete, 
since in that case equivalent amounts of acid and base give solutions 
with a protolytic state near to the conventional neutral point. 

Many pure liquids conduct an electric current to a small extent, 
and must therefore be assumed to contain ions. Apart from fused 
salts (which are strong electrolytes) and certain cases of electron 
transfer [IX. 2. j.], the formation of ions in pure liquids is due to 
protolytic reactions, and hence depends on the acidic and basic 
properties of the Uquid. Protolysis will only be possible if the 
solvent molecules possess acidic and basic character simultaneously. 

It is clear from (62) that a pure solvent which has both acidic 
and basic properties will undergo a partial protolytic ionisatiqn — 
autoprotolysis — according to the scheme 


M + M M® i- M®. (71) 

(Acid,) (Base,) (Arid,) (Base,) 

For example, in pure water we have the equilibrium 

» ff^O + fftO F3O+ + OH-. 

(Acid,) (Base,) (Acid,) (Base,) 


( 72 ) 
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which is generally referred to as the electrolytic dissociation of water, 
and is often written in the simple form 

/f,0 ^ + OH-, (73) 

without indicating either the hydration of the proton or the basic 
nature of the water molecule. 

If the law of mass action is applied to the above protolytic reac- 
tions of acids and bases in solution, it leads to the expression (60) 
previously obtained, on the basis of classical conceptions. This is 
most easily seen by using the fundamental formula VI. (9) and 
introducing the fact that the chemical potential of the solvent is 
constant. The importance of these laws for measuring the strength 
of acids and bases will be dealt with in paragraph (d). 

In the case of equation (72) we obtain 

Ch,o+ Coh~ = (74) 

The quantitj K{h, 0 ) i® called the dissociation constant of vatcr, and 
its value has been found by various methods to be 

KtH,0) = 0.72 ■ 10 -i«, (75) 

at 20°. This constant increases by about 7% for every degree rise 
of temperature. 

These equations can alw'ays be used to calculate the hydroxyl 
ion concentration when the hydrogen ion concentration is given, 
and vice versa. The calculation is however only exact for solutions 
of very low salt concentrations, and in the presence of higher 
concentrations of ions it must be corrected by inserting activity 
coefficients. 

(o) Acidity and Basicity. The presence of acids and bases in a 
solution exerts a considerable effect on many of the properties of 
the solution. As regards the acid-base equilibria taking part (and 
so some extent also in other respects) tlie protolyUc. state of the 
solution can be characterised by a single quantity, expressing the 
acidity of the solution. The definition of the acid-base function 
by means of (61) makes it reasonable to define the acidity by means 
of the chemical potential of the proton or some other quantity which 
varies parallel with this potential. We shall confine ourselves to 
considering the protolytic state at constant temperature, and will 
find it convenient to define the acidity as the proton activity. By 
the basicity we shall understand the reciprocal value of the acidity 
thus defined. The significance of these definitions is of course 
governed by the general considerations about ionic activities 
advaneed in [2. b.]. 

In a system containing a simple protolyte system A — B, the 
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application of the thermodynamic law of mass action to the scheme 
(61) shows that the acidity is given by the equation 

"e = » (76) 

where a is the activity and a constant characteristic of the 
protolytic system chosen, which is termed the activity constant of 
the acid in question. 

Further, since the proton does not exist in a free state, it is seen 
that the presence of such a protolytic system (or buffer system, as it 
may also be called) is ne<\essary to fix the acidity. The acidity of a 
pure acid or base, or a solution containing only an acid or a base, is 
indeterminate. 

(76) can also be written 


where 


- - , 

cn 

(77) 



(78) 


is the so-called acidity constant. is however only constant in 
very dilute solutions in a constant medium, since at least one of 
the species A and B is always an ion and the ratio fAlfa therefore 
varies considerably with the concentration. 

If for the moment we neglect such “ salt effects ” on the value of 
A'^, it will be seen that the acidity O0 is determined by the ratio of 
to Cji in a given protolytic system. Since A.< is at the moment 
undetermined, (76)— (78) can of course only be used for deteiiuining 
relative acidities, and for this purpose it is a matter of indifference 
which of the protolytic systems present is used as a basis for the 
determination. If the medium itself has protolytic properties 
{e.g., water), it is natural to choose it as the system for determining 
the acidity. In the case of water, (77) combined with (65) and (66) 
gives 


'irf, = ^ihO ’ (78) 

COH- 

<i„. ~ ^ ■ (80) 

© C/;,o ' ' 


In the absence of salt effects the acidity in a dilute aqueous 
Ijolution is proportional to the hydrogen ion concentration Ca,o+> 
since in dilute solutions Ca,o is constant. As already mentioned, the 
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absolute values of a 0 and are unknown, and it is therefore 

permisaible on the basis of (80) to use the convention 

% = Ch.o+, (81) 


which means that the acidity of a dilute aqueous solution can be 
measured by the “ hydrogen ion concentration ” of the solution. 
The method of derivation used above shows that the special position 
thus attributed to the ion fijO+ in measuring the acidity of a 
solution is one of practical convenience rather than principle, 
depending on the fact that it is the acid corresponding to the solvent. 

The acidity scale in other protolytically active media can be 
defined in an analogous way. It should however be noted that the 
acidities thus defined in difierent media are not comparable with 
one another. 

If the solution contains a number of buffer systems, (76) will 
clearly l)e I’alid for each of them, so that we can write 


°D, 


Od, 


(82) 


It was mentioned above that the product of the concentrations 
of hydrogen and hydroxyl ions in a dilute aqueous solution at 20 ° 
is about 10"^*. A solution which is 1-0 normal with respect to 
sodium hydroxide will therefore have a hydrogen ion concentration 
of about 10 “**, while in l-O normal hydrochloric acid the corre- 
sponding concentration will be 1. The hydrogen ion concentrations 
of solutions in common use will hence in general lie between 1 
and 10 “**. 

Aqueous solutions in which the concentrations of hydrogen and 
hydroxyl ions are equal are commonly termed “neutral.” The 
concentration of each of these ions is then about 10“’. If c > Cgg, 
the solution is said to be acid or to have an acid reaction, while if 
the reverse is the case it is said to be alkaline or to have an alkahne 
reaction. All these concepts are of purely conventional origin. 

On account of the large range through which the acidity can 
vary, it is often convenient to express it in a logarithmic scale. In 
this case the acidity can be measured by log a^, termed the acidity 
exponent. If “ salt effects ” are neglected, we can compare the 
acidities of e.g. O-l HCl and 0-1 NaOH by saying that the acidity 
exponent of the first solution is 12 units greater than that of the 
second solution. The acidity is most commonly expressed in a 
logarithmic scale by specifying a quantity pg, defined by 

Ph — — log c//,o+, (83) 


(Sfirensen), or if necessary by the corresponding equation withojj^+ 
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in place of is thus equal to the acidity exponent with the 

sign changed. Its value extends from about 0 (in 1 normal if 01) to 
about 14 (in 1 normal NaOH). In a “ neutral ” solution at 
Pb ' while “ acid ” solutions correspond to smaller values of 
Pb and “ alkaline ” solutions to greater values. The name 
“ hydrogen ion exponent ” is sometimes used for ps, but since pg 
is a measure of the basicity and not the acidity of the solution, this 
usage is somewhat inappropriate. 

The protolytic state of a solution can also be given in terms of 
the acidity pokMial, RT log a@, which is a direct measure of the 
chemical potential of the proton and bears an important relation 
to certain electrochemical functions [TX. 2. j.]. 

A logarithmic scale such as the pg scale is particularly suited to 
the graphical representation of variations extending over large 
concentration ranges. Thus if the acidity ranges from 1 to 10“** 
in the hydrogen ion concentration scale, it will range from 1 to 14 
in the corresponding pg scale. The centre of this scale, where the 
concentrations of hydrogen and hydroxyl ions are equal, is termed 
the “ neutral point.” This point has however only a purely conven- 
tional significance, since the concept of neutrality is not based on 
any rational definition. 

If the medium is protoJytically inactive (e.g,, carbon tetra- 
chloride or benzene) it will be equally justifiable to choose any 
simple protolytic system whatever for determining the acidity on 
the basis of equations (76) and (77). Once this system A — B is 
chosen, the acidity will be directly proportional to the ratio Cj/Cg. 
It must however be remembered that large salt effects are often 
present in media of this kind, so that this simple relation may only 
be valid in extremely dilute solutions. 

The above considerations, in particular equations (76) and (77), 
show that the protolytic state may be fixed in practice by using a 
simple protolytic system A — B, i.e., a mixture of an acid with its 
corresponding base. A solution containing such a system is known 
as a buffer mixture. It is easily seen that the acidity of such a 
solution is not easily changed tfonsiderably, since according to (77) 
considerable changes in the acidity can only be brought about by 
a considerable alteration in or Cg, which cannot be effected by 
adding quantities of substance which are small compared with 
these concentrations. The greater the concentrations of the two 
buffer components, A and B, the greater will be the br.iffer effect, 
i.e., the smaller will be the effect of added acid or base upon the 
acidity. However, buffer concentrations are usually kept below 
1)-1 molar in order to avoid changing the medium and introducing 
excessive ” salt effects.” 
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In representing graphically the relation between the acidity and 
the concentration ratio of the buffer it is convenient to replace the 
variables in equation (77) by (or log a@) and the acid fraction, 

Cj{ 

defined as 1 > 

Ca ~r c/t 


or the base fraction, defined by 


Xb 


Cb 

Ca + Cb 


The relation between log and or Xjj is shown in Fig. 7. As the 
equation shows, the shape of the curves obtained is independent of 
the nature of the buffer system, but the 
position of the curve relative to a fixed 
point on the ordinate axis is determined 
by the buffer constant K^, log being 
the ordinate corresponding to the mid- 
point of the curve. The distance between 
the horizontal lines in the figure is one 
logarithmic unit. Since the buffer effect is 
greatest at the mid-point, the buffer 
mixture will be most effective in fixing the 
acidity of the solution when Xj ~ ~ 0-5, 

i.e., when the concentrations of acid and 
base are approximately equal. In general, 
however, a buffer mixture can be used 
over a range of acidity of about 2 powers 
of ten, i.e., from x^i =0-1 to Xj = 0-9. 

- . The acidity of a solution is thus most 

effectively fixed by using a protolytic 
Fig. 7. system with a value of in equation (77) 

which coincides with the mid-point of 
the acidity interval which it is desired to cover. 

(d) The Strength of Acids and Bases. It is consonant with both 
common sense and tradition to measure the strength of an acid in 
a given medium by the acidity produced in the medium when the 
acid is present under given conditions, i.e., at given concentrations 
of the acid and the corresponding base. 

The acidity constant defined in (77) has this property, since 



= — a©- 

Ca ® 


(84) 


This constant would therefore be a suitable measure of the acid 
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strength. Analogously, the strength of a base could be measured 
by the basicity constant, 




cn o, 


© 


(85) 


The strength constants thus defined are independent of Cj and 
for dilute solutions in a given medium, and are obviously related by 
the equation 

KaKb = 1 . ( 86 ) 

The quantity oq is indeterminate in the sen-so that its values in 
two different media cannot be related to one another by ordinary 
thermodynamic methods In practice, therefore, we have only to 
deal with the relative strengths of acids and bases in the same 
medium. If two acid-base systems and A^^ — Bg are present 

in the same solution, (84) leads to the relation 


^ 

^A, flit 


(87) 


If do is taken as a standard acid and its strength constant put 
equal to unity, the right-hand side of (87) coiistitutes a measure of 
the strength of the acid A j. Introducing (86), (87) can be re-written 
as 


A.i, n/A ^ 


<'n,c.u 

‘■.i.f/y. 


( 88 ) 


If the four concentrations entering into the protolytic equilibrium 
are known, (87) will give directly the relative acid strenglhs and 
(88) the product of the strength constants of the acid and hose 
reacting. This product is identical with the mass law constant for 
the double acid-base equilibrium 

+ Bg ► Ag -f Bj, 


so that we can write 

Ka,K„,= (89) 


where K^^ b, ia ft® mass action constant for the protolytic reaction 
between the acid A^ and the base Bg. This constant is termed the 
protolytic reaction constant, or the protolysia constant, and it is a 
quantity directly accessible to experiment, independent of any 
conventions. Equation (89) expresses the fact that it is equal to 
the product of the acidity and basicity constants for the acid and 
base reacting. In order to avoid the ambiguity which sometimes 
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arises in using this constant, we shall alwa 3 rB let the first 83 rmbol 
in the subscript represent the acid, so that £j r represents the 
protolysis constant for the acid X and the base Y. 

It follows directly from (86) and (89) that 

K.i,.b.AVb. = h (90) 


which is a special cose of the general relation 

• • • f^A„-B, = L 


(91) 


which is valid f or any system of n acids and their n corresponding 
bases. The equation also holds if some of the A and B molecules 
are identical. 

If the medium itself is protolytically active, it is the general 
practice to use it as the standard acid or base in determining 
practical protolytic strength constants. In other words, we can use 
the reaction 

A +M-^B + M® (92) 

for determining the acid strength defined as 

tr CbCm® (93) 

CaCu 


or, since Cn is constant in dilute solutions and_ can therefore be 
omitted. 


l^(A) = — 


Cm®. 


(94) 


The constant £(A) defined in this way is identical with the acid 
dissociation constant previously introduced, and the above deriva- 
tion shows that it is a suitable measure of acid strength in a constant 
medium which is protolytically active. If the solvent is water the 
constant is given by 

If(A) = ^CHfi+ (96) 


and if the protolysing acid is acetic acid we have 


A(EH) = ^ — Ch,0+, 
cbh 


(96) 


where E- is the acetate ion. This equation is identical with the 
classical dissociation expression (60). 
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The practical strength constant of a base can be determined on 
the basis of the reaction analogous to (92), 

£ -hM^ A -i- 

(97) 

giving by analogy with (93) 


Ca CmO 

(98) 

or 



(99) 

identical with the classical basic dissociaiiov constant. 

If the solvent 


is ■water the constant is given by 

^(B) = ;;r ^ oh -, 

and if the protolysing base is ammonia, we have 

CNH^ 

A(V/r,) = corr, 

CWHf 


( 100 ) 


( 101 ) 


ako identical -with (60). 

Equation (71) gives the protolj'tic scheme for the pure solvent 
analogous with (92) and (97). Analogy with (93) and (98) gives for 
the au(opro(oltjsis constant of the solvent, 


Km. 


MM ■ 


Cm®c,m© 

,.2 


( 102 ) 


A(A/) = Cm®CmB- 

If the solvent is water, we have 

K(i{,o) — ch,o+ C oil-, 
in agreement with (74). 

It will be seen from (91) or from (93) and (98) that 
KamKm-b — Kmm- 


(103) 

(104) 

(105) 


The product of the protolytic constants for an acid and its corre- 
sponding base is thus equal to the protolytic constant of the solvent. 
It is easily seen by combining (94), (99) and ( 103) that an analogous 
equation holds for the dissociation constants of corresponding 
^ acids and bases, i.e., 


K(A) Kf^B) — Kim)- 


( 106 ) 
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These relations (or the more general relation (91) ) can be used to 
determine one of the constants if the values of the remaining 
constants are known. For example, the dissociation constant of a 
solvent can be calculated from the dissociation constants of acetic 
acid and the acetate ion dissolved in that solvent. 

For a corresponding acid-base pair, the product of the acidity 
and basicity constants defined by (86) or of the protolysis constants 
defined by (90) is equal to unity. On the other hand, the strength 
constants defined above give a product equal to or for a 

corresponding acid and base. This is because in defining the 
strength constants of acids and bases (equations (92) and (97) ) we 
have used different standard systems in the two cases, namely 
M® — M and iff — M® respectively. In considering values of strength 
Constanta of acids and bases it is important to note which procedure 
they are based upon. It may also be noted that equation (105) 
must be in agreement with the general equation (91), and is actually 
most simply derived from this general expression. 


Table IV. Acid Dissocialion Constants, t = ca. 20° C. 



K{A) 

— log K(a) 

Carbonic acid 1 . 

3-3 XlO-’ 

6-48 

2 ... . 

4-4 X10-” 

]0'36 

Pho.sphonc acid 1 . . . 

7-3 X10-® 

214 

„ 2 . . . 

7-4 Xl0-» 

713 

3 . . . 

41 Xl0->® 

12-39 

Formic acid .... 

2 X 10-* 

3-7 

Acetic acid . , . , 

1-74X 10-‘ 

4-76 

Monochloracetic acid 

1-6 Xl0-» 

2-82 

Dichloracetic acid 

3-3 Xl0"» 

1-48 

Trichloracetic acid 

1-3 X10-' 

0-89 

Oxalic acid 1 . . . . 

6-6 XlO-* 

1-19 

„ 2 ... . 

61 xl0-‘ 

4-21 

Succinic acid 1" . 

6-5 XlO-' 

419 

„ 2 ... . 

2-7 xl0-“ 

C-57 

Fumaric acid .... 

9-3 XlO-* 

303 

Maleic acid .... 

1-0 X io-« 

2-00 

Benzoic {icid .... 

6-7 X 10-‘ 

4-18 

o-Hydroxybenzoic acid . 

106x 10-» 

2-97 

Wl- „ ... 

8-7 XlO-' 

4-06 


3-3 XlO-' 

4-48 

o-Nitrobenzoic acid 

6-3 XlO-' 

2-20 

m- ,, ... 

3-6 xlO-‘ 

3-45 

p- „ ... 

4 0 XlO-‘ 

3-40 

Phenol ..... 

1-3 XlO-i» 

9-89 
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Table V. Base, Dissociation Constants, t — ca. 20° C. 



K^B) 

- log K^B) 

Ammonia ..... 

l'76x 10-1' 

4-76 

Methylamine .... 

4-4 X 10-* 

3-3(i 

Dimethylainine .... 

6-12 X 10-* 

3'29 

Trimetbylamine .... 

f>-27x 10-“ 

4-28 

Aniline ... 

5 xl0-'“ 

9-30 

o-Chloraniline .... 

5 XlO-12 

11-3 

Pyridine ..... 

1-7 XlO-* 

8-8 

Piperidine ..... 

!-6 X 10 “ 

2-8 


Tables 7V and V give the dissociation constants as defined by 
equations (!).')) and (100) for a number of acids and bases at about 
20° C. The figures following the names refer to the stage of dissocia- 
tion, e.g , K for carbonic acid 2 is the dissociation constant of the 
HCO 3 - ion. The values of the constants will be seen to depend 
to a very great extent on the chemical nature of the protolyte. 
Certain regularities are apparent on considering the tables. Thus 
it will be seen that the introduction of “ electronegative ” atoms 
or radicals such as Cl, NO^, OH into the acid radical has the effect 
of increasing the acid strength and hence of diminishing the strength 
of the corresponding base. The distance between the proton and 
the group introduced also has a considerable effect. It will also 
be seen that the electric charge on the molecule has a large effect 
on the dissociation constant, an increase of negative charge increasing 
basic strength and decreasing the acidic strength. For example, 
the second stage dissociation of an acid will in general have a 
considerably smaller strength constant than the first stage : more- 
over, this charge effect is decreased if the distance between the 
charge and the dissociating proton is increased, as may be seen by 
comparing the results for oxalic and succinic acid. 

The influence of the electric charge can be regarded as primarily 
a purt'ly electrostatic effect, depending on the atti action between 
the proton and the negatively charged base. If therefore we 
consider a series of molecules containing hydrogen which are similar 
except in their electric charges, we should expect to find an increasing 
acidity with increasing positive charge. This is clearly shown by 
the acid nature of hydrated ions : e.g., the increasing acidity of the 
hydrated sodium, magnesium and aluminium ions. In the last case 
the protolysis taking place in aqueous solution is represented by 
•, the equation 

+ + + + + 

Af ^ Al[H^0\0H + WjO+, 
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the disaociation constant being about 10"®. The considerable acid 
strength eschibited by ions of this kind can be attributed to the 
combined effect of the high positive charge and the large number of 
hydrogen atoms in the ion. 

Acids and bases which are practically speaking completely 
protolysed in water are usually termed “ strong ” acids and bases. 
Examples of strong acids are hydrogen chloride, hydrogen bromide 
and hydrogen iodide : thus for hydrogen chloride the protolysis 

HCl + HtO — ► + cr 

is practically complete. The actual strength may however vary 
very much from one “ strong ” acid to another, since the concen- 
tration of undissociated acid Cj which enters the equation 
determining the strength constant, 

^Ul == ~ 


may vary within very wide limits even when there is practically 
100% dissociation. In such cases it is usually possible to detect 
marked differences in the degree of dissociation of “ strong ” acids 
by using media of weaker basic character or lower dielectric constant : 
in this way it has been shown that the constants for the three 
hydrogen halides decrease in the order 

Km > EwBr > Kjia 

No electrically neutral bases are known which are “ strong ” in 
waterin the same sense as the acids mentioned above. The strongest 
neutral base known is piperidine, for which 




CCiNHj COH 




= ca. 10~®. 


On the other hand, many anion bases are known which are com- 
pletely protolysed in aqueous solution. 

If we have two corresponding acid-base systems in equilibrium, 


Ai + fi, 


■^8 + 


then the general relation of the strength constants to the equilibrium 
set up is given by equation (87) or (88), 
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If this formula is applied to the dissociation of a mixture of two adds 
dissolved in water, we have 


Cfli _ ^ 

Ca, Xa, 1— a/ 

so that in this case 




Jb. ^ 

Xa, 1— «*’ 


( 108 ) 


_ KjAtl _ “t ^ 

f^A, K(A,) «S (1 «l) 


(109) 


independent of the concentrations of the two acids. An analogous 
relation holds for a solution of two bases in water. 

As in many other cases, it is often convenient to use the logarithms 
of the strength constants of acids and bases in place of the actual 
values. The logarithm of the strength constant can be suitably 
termed the strength exponent. This term is however used widely for 
the Jiegativo value of the logarithm, written pg by analogy 
with Pg. 

(e) Ampholytes. Certain substances possess at the same time 
both acidic and basic properties, being able both to lose and to 
gain a proton. Such substances are termed ampholytes or amphi- 
protie substances. As already mentioned, water possesses this 
property in virtue of the following reactions, 


H^O 0/r+©, 1 

f/,0+ + ©. 1 


( 110 ) 


This type of behaviour can be represented generally by the symbols 
introduced above, 


A® X + ©, 1 
X :r=^X® + ©.| 


( 111 ) 


An ampholytic change can often lead to the formation of isomeric 
ampholyte molecules. For example, this is the case in the important 
group of ampholytes comprising the amino-acids. Thus amino- 
acetic acid can act os an acid 


or as a base 




I I ■ 

COQH COOT 


CH^Nm 

1 ? 

COOH 


CH^NH^ 

1 +©. 


( 112 ) 


COOH 


(113) 
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while if both these functions are exerted simultaneously, the transfer, 
of a proton within the molecule takes plaee, 

CW2NH3+ 

1 

coo~. 

This leads to the formation of a so-called zwitterion, or ampho-ion. 
which is not really an ion since it has no net charge, but which has 
a positive and a negative charge in different parts of the molecule. 
The molecille thus has an electric moment, and is termed a dipole : 
the existence of such dipoles is however by no means confined to 
zwitterions. 

According to the law of mass action, in a given medium there 
will be a constant ratio between the concentrations of the two 
forms in which the ampholyte can exist. Since in ahphatic com- 
pounds the acid strength of the — COOH group is much greater than 
that of the — NH^'^ group, in the above example the ampholyte 
will exist predominantly as the ampho-ion in aqueous solution. 
Otherwise, however, the protol 3 dic behaviour of ampholytes is 
formally independent of their special structure and possibility of 
isomerisation. 

Just as for acids and bases in general, the net electric charge on 
an ampholyte molecule is not of primary importance in determining 
its protolytic behaviour. Thus it will be seen that the acid oxalate 
ion behaves as an ampholyte in virtue of the following reactions, 
which are quite analogous to those shown in (111), 


CHnNH, 

I “ “5: 

COOH 


coo~ 

COO~ 

1 

1 +©, 

COOH 

COO~ 

COOH 

COO~ 

1 ^ 

1 +©, 

COOH 

COOH 


(114) 


(116) 


In certain cases this type of ampholyte can also occur in isomeric 
forms, which must be present in a fixed concentration ratio in a 
given medium ; e.ff., in the case of the acid oxalate ion we have the 
two forms 


COOT 

COOH 

1 

CHOH 

I 

1 

CHOH 

1 1 

CH^ 

1 

c/f* 

I 

COOH 

Goa~ 
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On the other hand, the special structure of the ampholyte molecule 
will of course have a great effect on the magnitude of the strength 
constants referring to its two protolytic reactions. If we assume 
that the acidic and basic groups which are present retain a fairly 
constant strength, then it is possible to deduce approximately’ the 
acidic and basic strengths of the molecule from its structure (e.g., 
we may calculate the constants for amino-acetic acid from the 
known constants of acetic acid and methylamine). Conversely, the 
measured constants may be .ised to draw conclusions about the 
structure of the molecule ; for example, the zwitterion formula for 
glycine has been established in this way. 

If an ampholyte X is dissolved in a protnlytically inert (“ aprotic ”) 
solvent, the equilibrium set up will be determined solely by thc 
reaction 

JC + Y ^ A'® + A®, (116) 

(Aekl,) (Base,) (Acid,) (Baao,) 

and the two species A® and A® will hence be present at equal 
concentrations. On the other hand, the same experiment carried 
out in water will in general lead to different concentrations of 
A® and A®, since in addition to the reaction in (116), protolysis 
with the solvent can also take place. 

The ratio of the concentrations of A® and A® in aqueous solutions 
of varying acidity can be found by using the equation 

A(x.a) = C;/.0+. (117) 

where the addition of a t)r b to th(! subscript A indicated that K is 
the acidic or basic dissociation constant of the; amjdiolyte tVe also 
have 

^(X®> = ^ ( 118 ) 

Multiplying the last two equations together, 

huY-a) Cif,o+. , (119) 

We can now introduce (106), which in the present instance becomes 

K(xffi) K(x.w = K(h,o) — CH.O+ coH-, (120) 

giving the following relation for determining the state of the ampho- 
lyte in a solution of given acidity 


K[X-a) 

K(x-« 


K(h,o) — 


cxe 

cx® 


2 

Ch,0+- 


( 121 ) 
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There will be a certain hydrogen ion concentration at which the 
ampholyte ia diaaociated to an equal extent as an acid and as a 
base, so that c^© = c^O, and the total charge on the ampholyte is 
zero. This hydrogen ion concentration ia known as the ito-dectric 
point of the ampholjrte, and (121) shows that it ia given by 


Ch,o+ = 



( 122 ) 


For example, the acidic and basic dissociation constants of glycine at 
26° are respectively 1-8 X 10”*® and 2-7 X 10“*^, so that the hydro- 
gen ion concentration at which the two ions 


jr® = 


CH.NH+ 

I . 

COOH 


and 




coo~ 


are present in equal concentrations is given by 


or 


«H,0+ 


V- 


1.8 . 10 ->« 
2.7 • lO-i* 


1.0 • 10 -“, 


C//,o+ = 8 • 10~’, 


In the case of electrically charged ampholytes, the state analogous 
to the iso-electric point will be when the total charge is equal to 
the charge on the unprotolysed ampholyte. The hydrogen ion 
concentration at this point can of course be calculated from equa- 
tion (122), but in this case it is simpler to use (119) directly. Thus 
for the “ iao-eleotric point ” of the acid oxalate ion we find 

Cfto+ == ]/KiOxH,) KiOxir-), 

where the two constants are the acid dissociation constants for the 
first and second stage dissociations of oxalic acid. Introducing the 
values given in Table 4, we find 


CH.O+ = j/fi.5 • 10-* . 6.1 • 10-® = 1.99 • 10-*, 

os the “ isoelectric point ” of the ion. 

(t) Indioaton. A protolytic indicator is a simple acid-base 
system in which the acidic and basic form have different colours in 
solution. If the two forms are Ij and respectively, then the 
scheme relating them is 




( 123 ) 
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which is identical with the general scheme for the acid-base function. 
It therefore follows that the equilibrium between indicators and 
other acids and bases follows the same laws as those developed 
above for acid-base systems in general. 

The colour assumed by an indicator in solution depends partly 
on the total indicator concentration and partly on the ratio between 
the concentrations of the two forms present in solution. This ratio 
is determined by the equation 

(124) 


and thus depends on the acidity of the solution and the strength 
constant of the indicator. For a given indicator the acidity is thus 
determined by the indicator ratio, and can be calculated from the 
results of colorimetric measurements. If as before we identify a® 
with c^,o-f in aqueous solution, so that Kj^ becomes identical with 
the ordinary dissociation constant then equation (124) can 

be used directly for determining hydrogen ion concentrations in 
aqueous solutions. -K(/^) is obviously equal to the hydrogen ion 
concentration at which and Ijt have equal concentrations. It 
can be equally well expressed in a logarithmic scale. 

According to (124), the effect of the acidity or the hydrogen ion 
concentration on the indicator ratio will be the same for all indicators 
However, a change in the acidity will bring about an observable 
colour change only if this ratio is not too far removed from unity. 
In making colorimetric measurements of hydrogen ion concentra- 
tions it is therefore necessary to choose the indicator so ihat the 
value of is in the neighbourhood of the hydrogen ion concentra- 

tion to be measured. It may be assumed in general that useful 
results can be obtained if the indicator ratio is between the extremes 
0-1 and 10, corresponding to a range of 2 pn units. The specific 
nature of the indicator colours may however limit or extend this 
range. 

Table VI gives the names of a number of indicators together with 
the colours of the two forms and the pn-range in which a change of 
acidity causes a marked change in the colour. In the case of two- 
colour indicators, the value of approximately coincide with 

the mean value of the hydrogen ion concentration in this range. 
Thus for methyl red we have approximately log = — 6-3, so 
that the acidity of a solution for which colorimetric measurements 
give an indicator ratio = 2 is pa = 6, or Cj[^o+ = 10"'. 
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Table VI 


Indicator. 

Acid colour. 

Basic colour. 

Pflt-range. 

Methyl orange 

red 

orange 

3.1— 4.4 

Bromphenol blue . 

yellow 

violet 

3.0— 4.6 

Methyl red . 

red 

yellow 

4.4— 6.2 

Bromcresol violet 

yellow 

violet; 

5.2— 6.8 

Bromthymol blue 

yellow 

blue 

6.0— 7.6 

Neutral red . 

red 

yellow 

6,8— 8.0 

o-Cresol rod 

yellow 

red 

7.0 — 8.8 

m-Cresol violet . 

yellow 

violet 

7.6— 9.2 

Thymol blue 

yellow 

blue 

8.0— 9.6 

Phenolphthalein . 

colourless 

!‘ed 

8.0— 9.8 

Thymolplithalein . 

colourless 

blui' 

9.3—10.5 


(g) Titration Theory. In a protolytic titration the amount of 
acid or base is determined by the addition of a known amount of 
base or acid respectively until the equivalent point is reached. 
The titration is most commonly carried out in aqueous solution 
and the equivalent point determined by using a protolytic indicator. 
Use may also be made of the change in the conductivity or in the 
potential with respect to a hydrogen electrode when the solution is 
made to pass the neutral point by the addition of titrant solution. 

Titration is based on the assumption of an almost complete 
reaction between the titrand and the titrant. For example, if a 
weak base is titrated with a weak titrant acid having the same 
strength as the acid corresponding to the titrand base, then at the 
equivalent point the protolytic reaction will only have taken place 
to the extent of 50%. If on the other hand the titrant acid is 10* 
times as strong as the acid corresponding to the titrand base, the 
extent of the protolytic reaction at the equivalent point will bo 
99-9%. The titrant (which can be chosen at will) should therefore 
always be a strong acid or a strong base, e.g., hydrochloric acid or 
sodium hydroxide, which exist in aqueous solution as the 
and OH~ ions respectively. Let us suppose that a weak base B 
is to be estimated by titration. On adding If 3 O+, the reaction 

takes place, and if an equivalent amount of titrant is added, the 
solution can be considered to be a solution of A in pure water, and 
will have the acidity of such a solution, In order to determine the 
point of equivalence, it is necessary to use an indicator which has a 
known and easily recognisable colour in a solution of this acidity. 
From what has been said above it will be seen that the at which 
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the iadicator changes colour must lie in the neighhoarhood of the 
acidity of the solution of A. 

For example, in titrating ammonia with hydrochloric acid it is 
necessary to use an indicator having an acid constant near to the 
acidity of the solution of ammonium ion produced. This can be 
calculated from the equation 

CH,0+ = , 

where K(jirH,+) is calculated from the value of K^xb.) in Table V by 
using the relation (106). If therefore the solution is 0-01 molar with 
respect to ammonium chloride at the conclusion of the titration, 
the acidity is found to be about 2 x 10®, so that bromcresol 
violet or methyl red can he used as indicator. In the same way 
it can be shown that phenolphthalein is a suitable indicator for 
titrating a weak acid like acetic acid with sodium hydroxide. 

The sharpness of the colour change depends on the ratio between 
the relative acidity change and the corresponding quantity of 
titrant added. Thus if the concentration of a weak base B is being 
determined by means of a titrant acid Aj, (which is very much 
stronger than the acid corresponding to B), then since the hydroxyl 
ion concentration at the equivalent point is infinitesimal, the 
following relation will hold ; 

dcA j. = dcH,o+ — dCB, ( 126 ) 

where is the concentration of titrant acid which would be 
present if no protolytic reaction had taken place. Since 


Ch,0-^CB 

ca 




(126) 


and Ca is practically constant in the neighbourhood of the critical 
point, we have 


dcB = — 


dCH,0+ ^ 


(127) 


and hence 


dCAj. 

dlncH,o+ 


— + CB- 


(128) 


The product of the two terms on the right-hand side of (128) is 
shown by (126) to be XaCa, which is practically speaking constant 
near the end-point : hence the sum of the two terms will be a 
minimum when they equal one another. The sharpest colour 
change, i.e., the maximum change in acidity for a given addition of 
titrant, will occur when Cjy,o-l- = <^b> ♦•®-> the point of equivalence. 

e 


P.O. 
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The above treatment refers to the case in which the reaction 
between the eioid and base goes almost to completion, the product 
of the strength constants being considerably greater than 
unity. A very different state of affairs is encountered for acid-base 
mixtures in which KaJKb, has a value very near to unity ; in this case 
the change of acidity caused by a given change in the ratio of acid to 
base has a minimum at the equivalent point. The special case in which 
Aj and are a corresponding acid-base pair has been treated in 
paragraph (c). 

It is easily shown that the complete expression for the accuracy of 
titration is given by 


<llncu^(y+ ^ 


(129) 


whtcl] can be iisetl to derive the conditions foi- titratifm, assuming ideal 
measuring mstruments. 

If the base is very weak, it will not be possible to titrate it in aqueous 
solution. In such a case it is pos.sible in principle to carry out the 
titration in a protolytically indifferent solvent instead of in water, 
when the extent of the protolytic reaction will dejiend only on the value 
of the product Ka^Kb, for the two protol.vte systems taking part. It 
must however be remembered that the processes involved may depend 
very largely on the diclecti io constant of the medium chosen. 


(h) Salt Effects. The above treatment of weak electrolytes is 
based on the assumption that the solute molecules behave ideally, 
i.e., that they obey the laws of dilute solutions. If the ionic concen- 
tration is very low, as in solutions of weak electrically neutral acids 
or bases, this condition will be approximately fultilled, which 
explains the applicability of the classical theory to such solutions. 
We have seen that in solutions of higher salt concentrations the 
interionic forces lead to various anomahes for strong electrolytes, 
and the same forces will also cause marked deviations from the 
simple protolytic laws in solutions of weak electrolytes in which 
the ionic concentrations are not very low. 

The effect of salts upon equilibria between weak electrolytes can 
be derived from the various equations already obtained for the 
protolytic strength constants. Of these, (95) is identical with the 
classical expression for a dissociation constant. is therefore not 

a true constant, but is related to the thermodynamic constant 
by the expression 

This equation shows that the effect of salts on protolytic equilibria 
will depend on the charge type of the protol 3 rte. Taking logarithms 
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and introducing equation (18) and the following relation derived 
from (61) 

= 2b + 1, (131) 

we have 

log Ka) = Jog /iTiAi — 0.5 [z\ — — 1 ] (132) 

or 

log KiA) = log K^a] — Zb (133) 

When Za = 1 this gives K^A) = K[ai, showing that a dissociation 
or a buffer equilibrium involving an acid with a single positive 
charge is not displaced by the addition of salt. For example, this 
is true of the eqtulibrium 

NHt + H2O + NH3. 

If, on the other hand, the acid is electrically neutral, i.e., Za ~ 0 
and hence Zb — ~ 1, W'e have 

log K(a) == log + K/*) (1^^) 

showing that in this case addition of salt causes an increase of 
dissociation. For example, this is the case for a solution of acetic 
acid, the equilibrium 

EH + HjO :i=t E~+ H^Q-^ 

being displaced to the right to an extent which can be calculated 
from (134). Thus if the ionic concentration in the original acetic 
acid solution is taken to be O-OOI and the solution is then made 0‘1 
molar with respect to potassium chloride, then the calculated increase 
in log Ka is 0-285, corresponding to an increase of about 03% in 
the dissociation constant of the acid. Actually, however, the 
observed increase is considerably less than this, since (18) is only 
exactly valid at ionic concentrations considerably smaller than 
that considered here. 

It is easily seen from the above treatment that the effect of added 
salt on a protolytic equilibrium will be small or zero if the two 
protolytic systems in equilibrium with one another are of the same 
charge type, while a displacement of equilibrium will take place if 
the charge types are different. The equilibrium will be displaced 
in the direction of the system which is most highly charged, though 
(18) shows that not only the total number of charges but also their 
distribution among the different species must be taken into account. 

The displacement of these equilibria will of course not only be 
caused by the addition of a protolytically inactive salt like KCl, 
but also by alterations in the concentration of the buffer system 
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itoelf. In (»rder to study the displacement experimentally, it is 
neoeesaTy to use methods -which give a direct measure of the oon- 
centrations of single molecular or ionic species. Thus it may be 
mentioned that both the colour (light absorption) and the catal 3 rtic 
activity [VIII. 1. f.] are often insensitive to the addition of salts, 
and are thus suitable properties for determining the concentrations 
(rf the species in question. 

It -will also be seen that “ salt effects ” (and electrolyte anomalies 
in general) -will disappear if the electrolytic equilibria are studied in 
a medium consisting of a salt solution -with a concentration large 
compared -with those of the reacting ions. 

(i) The Solubility of Weak Electrolytes. A sparingly soluble base 
B -will in general be more soluble in an acid solution than in pure 
water. If the base is weak and the acid is added as H 3 O+, then the 
ncrease in solubility will be due to the reaction 

B + H 30 +-^A + Hfi 
since the solubility in pure water is 

and in the acid solution 

s = Cb + Cs = So + C 4 
We can now introduce the dissociation constant, 

• C;/,o+, 


and the relation Ch.o + = Cb,o + + where + is the Hfi-*- con- 
centration which the solution would have if no protolytio reaction 
took place : it is thus known from the amount of acid added. This 


gives 


K(a) — So 


Ch,o+ 
s — So 


1 


(135) 


This equation makes it possible to calculate the increase in solu- 
bility s — Sf, when or A(b) is given. Cbnversely, the equation 
may be used to calculate the dissociation constants of weak acids 
and bases from the results of solubility measurements. 

In general, it is often possible to use the solubility changes caused 
by the addition of small amounts of other substances for investigat- 
ing equilibria in homogeneous solutions. It has been previously 
sho-wn that the effect of one salt upon the solubility of another can 
often be attributed to the interionic forces [2. d.]. However, much 
greater effects are met -with if the added salt leads to the formation 
of a weak electrolyte, e.ff., a complex salt. For example, if the 
solubility of cuprous chloride is measured in solutions of potassium 
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chloride it is found that with small KCl concentmtions the solubility 
is lowered (in agreement with the principle of the solubility product), 
but that as the KOI concentration increases, the solubility first 
passes through a minimum and then increases rapidly. This is 
due to the formation of a complex ion according to the equation 

QuCl + CZ — ► CnCZT- 

Since the dissolved cuprous chloride is present partly as Cu+ 
ions and partly as CuCl^ ions, the solubility can be written as 


Since 

and 


s — Ccu+ CcuCI,—- 




CCiiCI.— 

car- 




this leads to the following equation, 


s 


— + KiCct~- 
ccrr 


(136) 

(137) 


which can be used to determine the variation of the solubility with 
the concentration of KCl. In a quantitative treatment of equilibria 
of this kind it is necessary to take into account the interionic forces, 
t'.e., to introduce ionic activities in place of concentrations in the 
above equations, unless the substances in equilibrium are dissolved 
in a concentrated salt solution in which the activity coefiScients are 
constant. 


4. The Effect of Temperature on Electrolytic Equilibhu 
The effect of temperature upon the activity coefficients of ions 
has been dealt with in [2. g.] and [2. h.], especially equations (50) 
and (51). There is no real equilibrium in dilute solutions of strong 
electrolytes, since they are completely dissociated, and a theoretical 
calculation of the effect of temperature is therefore limited to hetero- 
geneous equiUbria, in particular the solubility equilibria for sparingly 
soluble salts. 

(a) The Solubility of Sparingly Soluble Salts. The effect of tem- 
perature on the equilibrium constant for a homo-heterogeneous 
process is expressed by equation VI. (44). This equation will be 
applicable to a solubility equilibrium if p is replaced by a and Kp 
by Ka. We can therefore write 

RT *^^= Q , (138) 

where Q is the heat of solution of the salt in question and Ka is 
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the thermodynamic maas action constant with the term referring to 
the solid phase omitted. 

For the solubility equilibrium 

AgCl -f Cr 

Q is the molar heat of solution of silver chloride, and 
K'a = OAg+Oci~ 

the thermodynamic solubility product of silver chloride. If we 
neglect the variation of the activity coeflScients with temperature 
we can write 

dlnK'a dlns^ 

dT Jf~' 

and hence 




dins 


dT 


Q. 


(139) 


Q, 


(140) 


Substituting in this equation the value Q = 16, (KK) cals,, which is 
the heat evolved when one gram molecule of AgCl is precipitated 
from aqueous solution, we find for 1 = 20“ C., 

dT 

i.e., the solubility increases by about 4-6% for 1° rise of temperature. 

(b) The Dissociation of Weak Electrolytes. In this case a treat- 
ment analogous to the above leads to the equation 

8 dlnK^A] 

RT 

where is the thermodynamic dissociation constant and Q is the 
heat of dissociation. If we again neglect the temperature depen- 
dence of the activity coefficients, can be replaced by 
If (140) is applied to the protolytic reaction 

2H^O Hfi'- + OH-, 

putting 

= Ch,o+CoH- = C®, 

we obtain the following expression for the variation of the ionic 
concentration with temperature, 


2RT 


,8 dine 
dT 


0 . 


(141) 


where Q is the heat absorbed in the process represented above and 
c is the concentration of hydrogen or hydroxyl ions in pure water. 
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By measuring the heat of reaction of strong acids witli strong bases 
we find Q = 13,700 cals., and insertion of this value in (141) gives 
at 20“ C., 


This calculation thus shows that the ionic concentration increases 
by about 4% and the dissociation constant by about 8% for each 
degree rise in temperature. 

For most weak electrolytes tlie heat of (lia.sociation, and hence 
also the temperature variation of the dissociation constant, is 
considerably smaller than in the above example. Thus, for example, 
the dissociation of the organic carboxylic acids in general only varies 
slightly with temperature. 


5. Terminoloov or Protolytic Constants 
For convenience we give below a summary of the symbols used 
for protolytic constants in the above treatment. 

Acidity constant 


Ka 


Keh 


II 



Basicity constant 


l<(A^ 

K(a,) 

KiEH) 

E(x.o) 

^(X) = “ Cm© 



Arid dissorliilion ronstaiil 


^141 

Km 


AixqI 

K[a] 0© 



Base dissocmiioii ronstanl 


Kb 

Kb, 

Knh, 

Kxb 

Ko '- 



Acid activity constant 


K[B) 

K(b,\ 

K(nh,'- 

K^x■n 




Base activity constant 


^[81 

Kib,\ 

K[m,^ 

K[x.b] 

Kib)=^^ 

Or 00 
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Protolysis constant 

SiAi-Bt H B Kx.m Ktl-X 

A, B and X represent respectively acid, base and ampholyte 
molecules. M is the molecule of an amphiprotic medium. 



CHAPTER VIII 

REACTION KINETICS 


The subject of reaction kinetics deals with the progress of chemical 
reactions with time. The velocity of a chemical reaction is usually 
taken to mean the ratio between an infinitesimal concentration 
change caused by the reaction and the corresponding time. For a 
given reaction this velocity will depend on many factors, for example 
the concentration of the reacting substances (when present in a 
homogeneous mixture), the nature of the medium in which the 
reaction takes place, the temperature, the catalytic effect of other 
substances present, etc. The objective of reaction kinetics is to 
determine and account for these various effects. 


1. Homogeneous Reaction.s 


(a) The Order of a Reaction. Like the laws of chemical equili- 
brium, the laws of reaction velocity in a homogeneous phase only 
assume a simple form when the substances used up in the reaction 
are present in a dilute state. If the velocity (as defined above) is 
directly proportional to the concentration of one of the substances 
which disappears during the reaction, so that we can write 



( 1 ) 


where t is the time, then the reaction is said to be of the first order. 
If the velocity is proportional to the concentrations of two 
substances, or to the square of the concentration of a single sub- 
stance, so that we can wTite 


dc , 

■ — = ec.c, 
dt ' ' 


or 

the reaction is said to be of the second order, and so on for higher 
orders. It has been shown previously [VI. 2. b.] that we should 
expect a reaction of the first order when the process takes place by 
\he spontaneous decomposition of single molecules, and a reaction 
of the second order when it is conditioned by a collision between 

23S 
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two molecules. The absolute velocity depends on the magnitude 
of h, which is termed the velocity constant. The numerical value 
of this constant will of course depend on the unit of time used and 
(except for a first order reaction) on the unit of concentration. 

Equations (I) to (3) represent the velocity at an arbitrary time 
when the concentrations have the values inserted in the equations. 
To determine the order of a reaction in practice it is necessary to 
integrate the equations. 

For equation (1) this gives 

Inc — — let i (^) 

where c is the concentration of the reacting substance left at time 
t, and the integration constant can be determined by applying the 
expression to the initial State, where t — 0 and c = c„. This gives 


In— — — let 


( 5 ) 


as the relation between the time and the concentration of a substance 
transformed by a reaction of the first order. Equation (5) can also 
be written 

ln(\ ~ a.) = — kt (6) 

where a is the extent of the reaction. 

In the case of equation (3), which applies to a reaction between 
two substances present at equivalent concentrations, integration 
gives 


- = *< + » 
c 

or, by eliminating i in the same way as above, 


( 7 ) 


( 8 ) 


If the two reacting substances are present at different initial con- 
centrations, Cj and C 2 , then if at tinio t the concentration of each of 
them is reduced by a?, (2) caxi b© written 


^ = k{ci-x){c,-x\ 


( 9 ) 


dx 


: = kdt. 


(ci —x){ct—x) 

This diSerential equation can be int^ated by iising the identity 
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« -I 

r 1 i ] 

1 1 

(Cl — x)(C| — *) ' 

( Cl — * Cj — X J 

' c, - Cl 


giving 


* I Cd — * I . . 


1 




cs — Cl cj (ci — a) 


If Cj > > Cj, (10) reduces to the form 

a ct—x 


■-kt. 


( 10 ) 


( 11 ) 


which IS easily seen to bo identical with (6). Tins is in agreement 
with the fact that under these conditions only the smaller of the two 
f oiicentrations will be appreciably altered in the reaction, whiih thus 
becomes foiinally of the fust order. 



There is no difficulty in obtaining expiessions for processes of higher 
oiders by an analogous pioeedure. Simple examples of such processes 
are however rare. 

Special reaction mechanisms may lead to reactions with a kmetio 
order lower than imity [2 c.]. Such reactions are characterised by 
gomg to completion in a finite time, while for orders greater than unity 
the reaction is theoretically not completed until an infinite tune has 
elapsed. 
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Eig. 1 diows a graphical repr^entation of equation (5), the time 
( being the abscissa. Curve I shows the relation between 1 — a=c/cQ 
and curve II the relation between log (1 — a) = log c/cq and t. 
Equation (5) or (6) shows that the latter curve is a straight line. It 
will also be seen that a given time interval will reduce c by the 
same ratio, independent of the stage of the reaction. A reaction 
of the first order may therefore be characterised, e.g., by the “ half- 
time,” i.e., the time necessary to halve the concentration of the 
reacting substance. If (5) is written in the form 


log — = — 0.4343 kt, 

Cfl 

it will be seen that the half time ij.j is related to the velocity 
constant k by the equation 


If/fl 6 — 


0.3010 
0.4343 ' 


0.693. 


( 12 ) 


The course of the reaction may therefore be equally well charaC' 
terised numerically by k or by t^.^. 


(b) Reversible Fiooeises. There are numerous causes which can lead 
to deviations from the simple behaviour doscribod by equations ( 1 ) to 
(3). For example, two reactions may take place simultaneously, or 
the substances formed in one reaction may be transformed further 
into new substances (consecutive reactions). In such cases the mathe- 
matical formulation of the net reaction velocity often offers considerable 
difficulty. We shall consider only one possible complication, i.e., the 
case in which a first order reaction is reversible and goes to an equili- 
brium state, the reverse reaction also being of the first order. 

We shall assume that the two opposed reactions take place indepen- 
dently of one another. If the equilibrium is A ^ B and the extent of 
the reaction from left to right is a, the total concentration being Cj 
then the velocity /q of the process A — B is given by 

hi = ktCA=kiCo(X—aX 
and the velocity ft, in the reverse direction by 
hi — kjCB — kiCoa. 

The total velocity directly observed is thus 

k = hi~hi = ca~ = ct)[ki{l--a)-‘kta\. (13) 

If at equilibrium a = a,, we have from (13) 

ki(l— «o) = k3a#, (14) 
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since the total velocity is zero at the eqiiilibrium point. If further we 
write = iba„ and i, = i;(l — aj), (13) gives 

•^ = *(08 — a ), 
or 

= = (15) 

Equation (16) shows that equilibrium is reached by a reaction of 
the first order, the velocity constant being independent of the direction 
of the reaction and equal to the sum of the velocity constants of the 
two opposed reactions. 

Equation (14) may be regarded as an expression of the chemical 
equilibrium in the simple system B derived on the basis of 
kinetic ideas. Reference has already been made [VI. 2. b.] to kinetic 
laws as a general basis for the law of mass action, and it will be seen 
by analogy with the derivation given there that the mass law con- 
stant can be written in general as the ratio of the equilibrium 
constants for the two opposed processes, 



independent of their kinetic- orders. 

(c) Unimolecular Reactions. If the process concerned consists of 
the spontaneous decomposition or rearrangement of a single mole- 
cule, the process is said to be unimolecular, and we should expect 
to find kinetically a reaction of the first order. As an example of a 
first order gas reaction following equation (6) we may mention 
the decomposition of arsenic hydride, which at about 300° takes 
place according to the stoichiometric equation 

2AsH^ > -j- 3Hj. 

If the initial pressure is pg and the extent of decomposition a, 
then when the reaction takes place at constant volume the total 
pressure p corresponding to a is given by 

P=Po-—^ (17) 

The reaction can therefore be followed and x determined by measur- 
ing the pressure. If we introduce in (6) the values of 

Po 

derived from (17) and the corresponding times t, a constant value 
is obtained for k, showing that the order of the reaction is unity. 
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It might therefore be supposed that the mechanism of the reaction 
was a spontaneous decomposition according to the scheme 

AsH^ — > As + 3N. 

Further investigation of this reaction has however shown that the 
velocity constant depends on the nature of the vessel in which the 
decomposition takes place, and that the reaction must in reality 
depend upon the collision of arsenic hydride molecules with the 
walls of the vessel. The walls may thus be said to exert a catalytic 
effect in accelerating the reaction, which therefore does not take 
place by the mechanism suggested above as characteristic of uni- 
molecular processes. On the other hand, under constant experi- 
mental conditions the catalytic effect may be regarded as constant, 
so that the more complicated mechanism involved in the reaction 
is not inconsistent with the fact that in practice the reaction appears 
to be of the first order when carried out under constant experimental 
conditions. 

Other gas reactions exhibiting all the characteristics of unimole- 
cular processes have been recently discovered. This is true, for 
example, of the decomposition of nitrogen pentoxide, which follows 
the stoichiometric equation 

2N,Os-^2N^O^ + Oi 

and can therefore be followed manometrically, like the last reaction. 
The unimolecular reaction process is probably 

^ 2^6 *" 3 + Oj 

followed by a further rapid reaction between these primary products. 
The velocity of these secondary reactions has no effect on the net 
reaction velocity, since in a series of consecutive reactions the 
observed rate depends upon the rate of the slowest step. 

Among other truly unimolecular processes we may mention the 
decomposition of acetone and ether at high temperatures, forming 
carbon monoxide and hydrocarbons : also the decomposition of 
azomethane according to the equation 

Cff^N = NCH^ ^ -f C^H,. 

Some of these reactions, however, exhibit deviations from uni- 
molecular behaviour at low pressures ; this point will be dealt 
with in section (g). 

A large number of reactions in solution obey the equations for a 
process of the first order. For example, the decomposition of 
nitrogen pentoxide (mentioned above) is also a first order reaction 
in chloroform and similar solvents, and since the velocity is the 
same as it is in the gas state, the process in this case is probably 
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truly unimolecular. On the other hand, most of the numerous 
solution reactions of the first order have a higher type of mechanism 
but obey the first order laws in virtue of the simplifying conditions 
mentioned in section (a), which allow the bimolecular equation (10) 
to degenerate into (11). 

The classical example of a first order reaction in solution is the 
inversion of cane sugar. The process consists in a splitting up of 
the cane sugar molecule into fructose + glucose, water being 
taken up, 

C + -V Ji’ + G 

and can be followed polarimetrically, since (’ and F G have 
different optical rotations. In pure water at ordinary temperatures 
the velocity of the reaction is practically zero, but the addition of 
acids causes it to go at a measurable rate. The effect of the acids 
can l>e interpreted as hydrogen ion catalysis, since the nature of the 
chemical change is not affected by the addition, and the velocity 
is found to be directly proportional to the hydrogen ion concentra- 
tion. Since the catalyst must be assumed to take part in the process 
on an equal footing with the other reacting molecules, the reaction 
ought presumably to be written as 

(7 + H3O+ -f 4- G -f H3O+, 

so that the process is in reality a trimolecular one. However, since 
neither nor undergo any change of concentration during 
the process, the course of the reaction is unimolecular, as repre- 
sented by (6) or (11). 

Other unimolecular reactions in solution will be mentioned in 
section ( / ). 

(d) Bimolecular Reactions. In certain cases bimolecular gas 
reactions exhibit kinetic behaviour in harmony with the simple 
stoichiometric equation. For example, this is true both for the 
formation and the decomposition of hydrogen iodide, 

which obeys equation (10) when sufficiently far from equilibrium. 
The two velocity constants and k^ are found to satisfy the 
relation (16) 



where K is the equilibrium constant. 

The formation of hydrogen bromide is represented by the similar 
■'stoichiometric equation 
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and "we might therefore expect to find a Bimilar kinetic behaviour. 
Actually, however, this reaction is found to obey quite a different 
kinetic equation, namely 


dcuBr kca,ye^ 


dt 


m ■ 


CHbr 


CBr, 


where m is a constant independent of temperature. The formation 
of hydrogen bromide is thus not a simple bimolecular process, and 
further analysis of the above result shows that it can be inter- 
preted as a reaction between hydrogen molecules and bromine 
atoms, a small concentration of the latter being present in equili- 
brium with the bromine molecules, 

Bfi 2Br. 

The hydrogen atoms liberated by the reaction 

Br + Hil^HBr + H 

can react either with bromine molecules or with hydrogen bromide 
molecules, according to the equations 

H + Br^-* HBr + Br 
H + HBr -^H^ + Br. 

The first of these reactions accelerates the formation of hydrogen 
bromide, while the second retards it. All these effects are expressed 
in the kinetic equation given above. It is thus possible to obtain 
information about complex reaction mechanisms by studying the 
deviations from the normal kinetic equations. 

Among solution reactions we may mention the saponification of 
an ester by a strong base like sodium hydroxide. This takes place 
according to the equation 

CHfiOOCfi^ + OH- -> CHjJOO- + GflfiH 

and in agreement with this is kinetically bimolecular. If in place 
of sodimn hydroxide a weak base like ammonia is used, the reaction 
will no longer be bimolecular, since the hydroxyl ion concentration 
is altered not only by being used up in the reaction, but also by 
the consequent displacement of the protolytic equilibrium 

NN, + Hfi NHt+ + 0H-. 

There are a large number of reactions in which the stoichiometric 
equation indicates a higher order, but which are actually kinetically 
bimolecular. This means that the reaction takes place in successive 
stages, and that the slow stage determining the net velocity is a 
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bimolecular reaction. For example, the reaction between hydrogen 
iodide and hydrogen peroxide can be written etoiohiometrically, 

2ff + + 2/- + 2H^O + 

which might indicate a quinquemolecnlar reaction. The fact that 
this reaction is kinetically bimolecular is explained by assuming 
that the rate determining step is 

I- + + Hfi, 

followed by the rapid reaction 

2^+ + 10- + 7- -> + Hfi. 

Addition of these two partial reactions gives the net stoichiometric 
reaction. 

(e) Ionic Reactions. We have seen that the law of mass action 
for chemical equilibria can be derived from the simple kinetic 
equations, and the form of these equations is therefore permissible 
from a thermodynamic point of view when the process in question 
takes place in systems for which the law of mass action is valid. 
It has however been shown in Chapter VII. that the law of mass 
action is not completely applicable to electrolytic equilibria, and 
we should therefore anticipate that.it will also be necessary to modify 
the kinetic equations when, dealing with processes in which ions 
take part. 

The effect of ionic charge on these equations may be derived by 
means of the following considerations. We will assume that two 
molecules A and B must form a “ collision complex ” X before they 
can react together, X being in equilibrium with A and B, 

A + 

If a small proportion of these complexes react unimolecularly to 
give the final products, 

X-^C + D, 

it is clear that the velocity of the process at a given temperature 
must be determined by the concentration of X. 

The concentration of X can be calculated from the thermo- 
dynamic law of mass action VI. (24), giving 

Cx = K«CaCB^, (18) 

fx 

where is the thermodynamic mass action constant and / repre- 
sents an activity coefficient. In place of the classical expression for 
reaction velocity, 

h = kc^CB, (19) 

1 

r.<7. s 
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this treatment thus leads to the equation 


h = k^CACB f • 

fx 

(20) 

or 


fx 

(21) 


where is independent of the concentration. 

For reactions between uncharged molecules, f — I, and the 
classical equations are valid. The same will be true if an ion A 
reacts with an electrically neutral molecule B, since in this case 
fB= li and fji =/x> since / is primarily determined by the 
magnitude of the charge. On the other hand, for a reaction between 
two ions the position is essentially different. 

If the two reacting ions are both singly charged but of opposite 
sign, X will be uncharged, and hence 

( 22 ) 

IX 

where /j is the activity coefficient for a univalent ion. Since this 
activity coefficient decreases with increasing salt concentration, the 
velocity constant k will also decrease, i.e., there will be a negative, 
salt effect. If, on the other hand, the two ions have single charges 
of the same sign, X will be doubly charged, and hence 

= (23) 

where /j is the activity coefficient of a bivalent ion. The ratio on 
the right-hand side of (23) increases with increasing salt concentra- 
tion, so that in this case there will be a positive salt effect. The 
magnitude of these salt effects can be obtained quantitatively for 
sufficiently dilute solutions by using VII. (18), giving respectively 
for the two cases mentioned above 

Ink = Inko — 2a yjx, (24) 

and 

Ink = Inkg 2a j/ju. (25) 

Corresponding expressions are easily derived for reactions involving 

ions of higher charge type. The kinetic salt effects predicted by 
these equations are shown in Fig. 2, curves I and II referring to 
reaction between two singly charged ions of opposite and like sign 
respectively. 


fx 
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The salt efiects described here will always be present when the 
salt concentration is altered, independent of whether this is done 
by adding salts taking no part in the reaction, or by altering the 
concentrations of the reacting ions themselves. It should also be 
noted that the prediction of zero salt effect in reactions involving 
at most one ion is subject to some qualification, since the alteration 
of the medium caused by the addition of salt is not entirely without 
effect from a kinetic point of view. Effects of this kind are however 



small and linear {i.e., directly proportional to the salt concentration), 
as illustrated by curves III and IV in the figure. 

The kinetic anomalies of electrolytes can be eliminated by using 
as solvent a salt solution having a concentration large compared 
with the concentrations of the reacting ions. 

(f) Homogeneous Catalysis, We have already mentioned the 
acceleration of the inversion of cane sugar by hydrogen ions in 
aqueous solution as an example of catalysis. This term is used in 
general to describe phenomena in w'hich a reaction is accelerated by 
the presence of a substance (termed the catalyst) which takes no 
part in the stoichiometric equation for the total reaction. Pheno- 
mena of this kind are of frequent occurrence and considerable 
interest. 

In aqueous solution the hydrogen (hydroxonium) ion and the 
hydroxyl ion are among the most pow'erful catalysts. In addition 
t« the inversion of cane sugar, the following processes may be 
mentioned as being catalysed by hydrogen ions ; the hydrolysis of 
esters, 
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. CH^OOC^i + Hfi A- CH^COOH + 
the decomposition of diazoacetic ester, 

NtCHCOOCiHi + H^O -> CH^OH . COOCJl^ + N^, 
and the hydrolysis of ethyl orthofonnate 

HsO+ 

HC(OC^H^)^ + NjO -> HCOOC^Hf, + 

Since (apart from certain salt effects) the velocity of catalytic 
reactions is proportional to the concentration of the catalyst, 
determinations of the velocity of such reactions may be used to 
determine the hydrogen ion concentration of a solution. The methods 
used in practice for measuring the velocity depend on the nature 
of the reaction. The four reactions mentioned above may be most 
readily followed by polarimetric, titrimetric, manometric and 
dilatometric measurements respectively. 

The hydroxyl ion is also a powerful catalyst, e.g., in the hydrolysis 
of esters. The suponification of ethyl acetate previously described 
can be considered formally as an hydrolysis of the ester, cata- 
lytically accelerated by hydroxyl ions. If the velocities of hydrolysis 
in the presence of hydrogen and hydroxyl ions respectively are 
written 

hi — kiCEsicT CH,o+t ( 26 ) 

hj = /fjCBsUr CoH~, (27) 

it is found that the ratio between the two catalytic constants is 
k 

^ = 1,400, so that for this reaction the OH~ ion is a much more 

Kj 

powerful catalyst than the N 3 O+ ion. 

If ethyl acetate is dissolved in pure water, in which the concen- 
trations of OH- and H 3 O* ions are equal, the early stages of the 
hydrolysis will be predominantly due to catalysis by the hydroxyl 
ion. Since acetic acid is a product of the hydrolysis, the acidity will 
increase as the reaction progresses, causing an increase in the effect 
of the ion and a decrease in the effect of the OH- ion. As a 
result of this, the velocity constant for the hydrolysis, defined by 

h = hi = kCEstcr, 

will decrease, pass through a minimum, and then increase again as 
the reaction proceeds. 

The measurement of this minimum velocity can be used to 
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obtain a value for the ionic product of water. The total velocity 
constant k can be written 

k = ktCn,o+ + K<^oh-‘ 

The product of the two terms on the right-hand side of this equation 
is given by 


kiCn,0+ • kiCoH— — H,0)» 


and is thus constant ; it is then easily shown that their sum will 
be a minimum when the two terms are equal to one another. We 
therefore have at the point of minimum velocity 

A‘iCff,o+ = kiCoif- = Ik,^, 


where t,,, is the value of k at the minimum. This leads to 

/. j. 

= CH,0+(m), 
km 


and 


k} 

= Ch,o+ Cqh- = (28) 

K(h,o) can thus be calculated from measurements of the three kinetic 
constants k^ and k^. The value obtained in this way agrees 
with the values given by other methods. 

In the examples given above the catalytic effect of acids and bases 
in aqueous solution could be attributed to the hydroxonium and 
hydroxyl ions formed by protolysis. As previously explained [VII. 3], 
these ions do not differ in principle from other acid and base molecules, 
and we might anticipate that acids and bases in general would exhibit 
catalytic effects similar to those foimd for the hydrogen and hydroxyl 
ions. This anticipation has been realised in a number of cases. 

For example, the decomposition of nitramido according to the equa- 
tion 

-h Nfi 

is found to be catalysed by a number of different bases. If for each 
base we define a catalytic constant kg according to the equation 

It = 
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the value of ha is found to increase with the basic strength Kg according 
to the simple relation 


log kg=a log Kg, 

where a is a proper fraction. Similar relationships have been found to 
hold in other cases, e.g., the bromination of acetone and the mutarota- 
tion of glucose. 

The first of these two reactions takes place when bromine is added 
to an, aqueous solution of acetone, and is catalysed both by acids and 
by bases. Since the velocity is independent of the bromine concentra- 
tion, bromine cannot play any part in the rate-determining process, 
and it must be assumed that this process consists in the enolisation of 
acetone according to the equation 

CH, CH^ 

I I 

CO COH 

II II 

CHj GH^ 

after which bromine adds rapidly on to the double bonil formed, 

Ci?3 CH, 

I 1 

COH -i- Br^ -»• GBrOH 

II I 

OH, GH,Bt 

When no bromine is present, enolisation leads rapidly to an equilibrium 
state in which the ketoform preponderates. 

The mutarotation of glucose consists of the transformation of 
a-glucose to )3-glucose, or the reverse reaction. This reaction in also 
reversible, and leads to an equilibrium state 

a-GI. fi-Gt. 

containing about 36% of the a-form. The course of the reaction 
agrees with the equation (15) derived for --uch reversible unimolecular 
processes. Like the bromination of acetone, this reaction is catalysts! 
not only by hydrogen ions and hydroxyl lon.s, but by both acids and 
bases in general. 

This type of catalysis, caused by acid and base molecules, is termed 
protolytic catalysis. 

Among other catalytic reactions in aqueous solution we may 
mention the catalytic efiect of iodide ions on the decomposition of 
hydrogen peroxide in “ neutral ” solutions, 

h 

211 , 0 , + 0 ,. 

The velocity of this reaction is found to be directly proportional 
to the concentrations of hydrogen peroxide and iodide ion, and is 
numerically identical with the velocity of the above-mentioned 
reaction between iodide ion and hydrogen peroxide in acid solution, 
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leading to the formation of iodine. We must therefore assume that 
the rate-determining process is the same in the two cases, namely, 

I- + 10- + Hfi, 

but that in the absence of hydrogen ions the subsequent rapid 
reaction is 

lO- + HjOj ^ + Oj -f H.O. 

The iodide ion is thus regenerated, and may be regarded as a catalyst 
since it takes no part in the net stoichiometric reaction. In contrast 
to most catalytic reactions, the mechanism is in this case easily 
understood. 

Metallic ions which can have two or more valencies often exert 
a marked effect upon the velocity of oxidation and reduction 
reactions, thus exhibiting a certain analogy with protolytic catalysis. 
Mention may also be made of the very specific catalytic effects 
exerted by enzymes in biological proce-sses, e.y., the effect of pepsin 
in splitting up proteins. 

In dealing with catalytic effects it must be specially noted that 
in reversible processes the two opposed reactions must be accelerated 
to the same extent by the addition of the catalyst, since otherwise 
the equilibrium would be displaced, contrary to the law's of thermo- 
dynamics. This is true both for the homogeneous catalysts dealt 
with here and the heterogeneous catalysts described in the next 
section. 

(s) Application of the Kinetic Theory of Qases. If a reaction 
takes place by the collision of two molecular species A and R in a 
gas mixture and is found to occur with a measurable velocity, then 
it can be shown that only a very small proportion of the collisions 
actually taking place between A and B molecules result in reaction. 
The variation in the efiectivity of different collisions is easily 
understood in terms of Maxwell’s distribution law. In order that 
the reaction may take place it is generally necessary to supply energy, 
so that only those molecules which happen to possess a particularly 
high energy will be able to react. The greater the energy necessary, 
the more rarely will a molecule possess it, and hence the slower 
will the process take place in general. It is also clear that the 
removal of collision complexes of high energy may bring about 
deviations from Maxwell’s distribution law in the gas mixture. 

According to this view, the velocity of a bimolecular process 
should be represented by the product of a “ collision number ” 
(t.e., the number of collisions per second between A and B molecules), 
, and a factor expressing the probability of reaction. According to 
the above considerations reaction will only take place on collision 
if the two molecules are “ activated,” ».e., have acquired energy 
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exceeding a obtain critical energy or attimticn energy : in thk case 
the probability factor can bo calculated as a function of this energy. 

It hae already been shown that the number of molecules having 
energy in two imenaions greater than a fixed value is given by 
in. (40). If Ei is taken to mean the energy per gram molecule, this 
equation becomes 

( 29 ) 

where is the total number of molecules and R the gas constant. 
The quantity we wish to find is the probability that the energy of 
two colliding molecules exceeds the critical value Eh : however, it 
is reasonable to assume that the only energy which plays any part 
in the reaction is the component of kinetic energy along the line of 
collision, t.e., in one dimension. Since the distribution of energy 
in one direction, e.g., along the ar-axis, is independent of the energy 
of molecules along the y- and z-axes, the probability that a molecule 
has energy E' along the x-axis and simultaneously energy E" 
along the y-axis will be the same as the probability that one mole- 
cule has energy E' along the x-axis and a second molecule simul- 
taneously energy E" along the x-axis. The distribution of energy 
for two molecules in one dimension is thus the same as the distribu- 
tion of energy for a single molecule in two dimensions. The above 
equation will therefore represent the number of collision complexes 
whose total energy in the direction of collision (t.e., along the line 
of centres) exceeds the value £*, being the total number of 

collision complexes. The probability of reaction is thus e - ^ 

and if Z is the collision number per unit volume, the calculated 
reaction velocity is 

h = Z-e (30) 


This equation can also be derived more rigidly by the following 
considerations. In order that reaction shall take place it is necessary 
that in the collision the relative velocity of the molecules along the line 
of centres shall exceed a certain fixed value. According to the kinetic 
theory of gases the ntimber of collisions Zy which satisfy this condition 
is related to the total number of collisions Z by the equation 


Zi = Ze 

where Wi is the critical velocity and 

^ Ml + M» 


( 31 ) 


the so-called reduced mass. 
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If we wish to introduce thai energy in place of the square of the 
velocity wl in equation (31), it must be remembered that the sum of 
the energies of the two moving molecules is determined not by the 
relative velocities but by the absolute velocities of the two molecules. 
However, since only motion relative to the centre of gravity of the two 
molecules is of importance for the energy of collision, we can assume 
that this centre of gravity is at rest, and the velocities Wy and ui, 
calculated on this assumption* must lead to the correct energy values. 
The condition that the centre of gravity is stationary is 

jU>i + = 0, 

while the relative velocity Wr is given by 
tWi — rc, = w,. 

This gives for the critical energy total 

fi = Hi +Ha = ^Miiir* -1- iMsWa = 

which on insertion in (31) leads to an expression agreeing with (30). 

In order to determine the important quantity Ei, the critical 
energy or activation energy, we can use equation (30) directly or 
rewrite it in the form 




A = IfCxCa = ZiCxCb J/T- e (32) 

introducing the fact that the collision number is proportional to the 
molecular velocities, and hence [III. (8)] to the square root of the 
temperature. in (32) is thus a quantity independent of tempera- 
ture but dependent on the mass and size of the reacting molecules, 
and is clearly equal to the collision number at unit concentration 
and unit temperature. By means of this equation Et can be 
calculated directly from velocity measurements at different tempera- 
tures without any knowledge of Z or Z^: thus by taking logarithms 
and differentiating we obtain 

E, = RT*^-iRT. (33) 

Having thus obtained the values of the activation energy, an 
approximate test of equation (30) can be carried out by neglecting 
the variation of the collision number with temperature, since the 
effect of this term is very small compared with the effect of the 
probabihty factor in determining the total variation of the velocity 
with temperature. If we also neglect the differences arising from 
ti^e different masses and sizes of the molecules, Z can be taken as 
constant for given values of the concentrations. Considering a 
series of bimolecular reactions, according to (30), the temperature 
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at which each reaction attains an arbitrarily chosen velocity should 
bear a constant ratio to the value of Eh for the reaction. This 
prediction is fulfilled with fair accuracy for a number of well-investi- 
gated bimolecular gas reactions at temperatures between 400° and 
1,000° absolute. 

This agreement shows that the probability factor 

f ht 

is the most important variable in the expression for the velocity of 
bimolecular gas reactions. In order to calculate the absolute 
velocity from equation (30), the collision number Z must be calcu- 
lated from the kinetic theory of gases. In this respect also the 
equation shows on the whole satisfactory agreement with experi- 
ment. 

Deviations will arise if the reaction requires a closely oriented 
collision between the molecules, since this condition will reduce 
the velocity below the value given by (30), There will also be 
deviations if other forms of energy besides translational energy are 
of importance in the reaction. Further, if the reaction takes place 
in solution instead of in the gas phase, several of the conditions 
assumed in the above deduction are not fulfilled. It should how- 
ever be mentioned that there are a number of cases of solution 
reactions for which equation (30) is a good approximation. 

The kinetic theory of gases has also led to important results 
in treating unimolecular processes. The essential characteristics of 
these processes may he represented by the equation 



c 


or, in other words, we can define a unimolecular process as one in 
which the probability that a molecule will react in a certain time 
interval is not affected by changes in the concentration or other 
factors at constant temperature. According to this definition, 
radioactive disintegration is a typical unimolecular reaction, since 
disintegration is a spontaneous reaction taking place in the atomic 
nucleus and is unaffected by external conditions. However, the 
nuclear character of this process makes it also independent of the 
temperature, thus differing from chemical ummolecular reactions. 

Considerations analogous to those advanced for bimolecular 
reactions make it reasonable to assume that the velocity of a 
unimolecular chemical reaction can be obtained by multiplying 
the concentration of the reacting species by a probability factor, it 
being assumed that a molecule (like the collision complex in bimole- 
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cular reactiorm) must have a certain critical activation energy- 
before it can react. Since unimolecular reactions do not come to a 
standstill -^vhen the molecules which are activated at a given moment 
have reacted, it must be assumed that activation by collision is 
continually taking place. This means, ho-vvever, that the activation 
is really due to the same causes in both unimolecular and bimolecular 
reactions, thus raising the question of how the collision mechanism 
can differ in the two cases so as to give rise to the two different 
types of kinetics. 

This distinction can be explained by attributing very different 
probabilities of reaction to the collision comple.x in the two cases. 
If the probability of reaction is great, so that in almost all cases the 
active complex will have reacted before undergoing further collisions 
which may de-activate it, then the reaction will follow a bimolecular 
law. In this case the occurrence of the chemical reaction -will 
cause the whole system to deviate from Maxwell’s distribution law, 
on account of the removal of collision complexes and molecules of 
high energy. If on the other hand the probability of reaction is 
small, the activated complex will nearly always become de-activated 
and will only undergo reaction in exceptional cases. The distribu- 
tion law will then be {)ractically unaffected, since the number of 
molecules reacting in unit time is only a small fraction of the number 
which are normally activated and de-activated in the same time. 
Since the normal energy distribution is independent of the pressure, 
the relative number of activated molecules will also be independent 
of the pressure. Since the activated molecules must be assumed 
to have a constant probability of reaction, this will lead to the 
simple first order relation for the velocity. 

This interpretation in terms of the kinetic theory implies that the 
order of a reaction is not entirely determined by its chemical nature, 
but also depends on the conditions under which the process takes 
place. Thus it is possible that a reaction which follows a unimole- 
cular course at a certain pressure may approach the bimolecular 
type as the pressure is decreased. This is because the condition for 
a unimolecular reaction, that the probability of reaction is small 
compared with the probability of collision, is no longer satisfied 
when the pressme and hence the collision probability decreases. It 
is an important confirmation of the theory that several of the 
unimolecular gas reactions mentioned above do in fact exhibit this 
type of pressure dependence. 

Many unimolecular gas reactions differ from bimolecular reactions 
ifi an important respect. If wo calculate the activation energy from 
equation (33) in the same way as for bimolecular reactions, and then 
calculate the absolute velocity from (30), the values obtained ore often 
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much 1608 tlum the velocities observed experimentally. We may 
oonoludp from this that the energy necessary for unimolecular activation 
may he present in forms other than translational, which was the only 
form of energy taken into account in deriving equation (30). It must 
be assumed that rotational and vibrational energy (which have already 
bera seen [III.] to contribute to the specific heat and energy content 
of a gas) can also take part in the chemical reaction of molecules, and 
that this effect will become more prominent with an increase in the 
number of degrees of freedom involved in the molecule. In agreement 
with this idea, unimolecular reactions only appear to take place with 
relatively complex molecules in which such forms of energy can readily 
be stored up. It is also easy to understand why the decomposition of 
such molecules should be unimolecular, since the concentration of 
energy in the part of the molecule where it can lead to decomposition 
may be regarded as a type of activation having a small probability 
when the energy must be collected up from several degrees of freedom. 


(h) The Effect of Temperature. A rise of temperature will in 
general lead to a large increase in the velocity of a chemical reaction, 
the temperature dependence of reaction velocity being formally 
similar to that of vapour pressure. By measuring the temperature 
coefScients of numerous reactions in the Jieighbourhood of room 
temperature, it has been found that the reaction velocity is in 
general roughly doubled for a temperature increase of 10°. Further, 
accurate measurements of both bimolecular and unimolecular 
reactions have shown that the velocity constant is usually repre- 
sented by the following simple equation, 



(34) 


On account of the relation between the mass action constant of 
a chemical equilibrium and the velocity constants for the two 


opposed reactions. 

k. 



>! 

II 

(35) 

we can write 




dlnki El . dlnkt^ E, 
dT dT 


(36) 


these two equations leading to 

dlnK, 0 
dT RT'* 

where 

0 = — (37) 


These thermodynamic considerations give no information about 
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the quantity i appearing in the equations for the forward and 
reverse reactions, so that thermodynamics gives no definite predic- 
tion of the effect of temperature on the velocities. 

It is however easy to calculate the effect of temperature from 
the kinetic theory treatment of reaction velocity developed in 
section {g). If we neglect the variation of the collision number 
with temperature (which we have seen to be of small importance) 
the logarithmic form of (30) and (32) gives 

“ = (38) 


where a is a constant. This is identical in form with the empirical 
equation (34), and — EicjR may be obtained graphically as the 
slope of the straight line representing the relation between Ink 

and y. 

According to equations (36) and (37), the heat evolved in the 
reaction A — >• B is equal to the difference between the heats of 
activation for the forward and reverse reactions. We have assumed 
above that bimolecular reactions take place through collision 
complexes, and we may picture a “ critical complex ” representing 
the transition from one system to the other. This critical complex 
X is common to the two systems, so that the rate-determining 
processes are actually 

A~>X 


and 


B-^X. 


The energy of this complex miist be independent of its origin, t.e., 
whether it is formed from the A -system or from the B-system. 
In simple bimolecular reactions these two systems have the same 
kinetic energies, and the fact that different amounts of energy are 
necessary to convert them to the critical complex is due to the 
difference in the potential energies of the two systems, which in 
simple cases is equal to the heat evolved in the total reaction. 

The reaction having the greater activation energy will have the 
greater temperature coefficient of reaction velocity : this kinetic 
result corresponds to the thermodynamic law relating the heat 
evolved in a reaction to the temperature dependence of the 
equilibrium. 

(i) Chain Reactions. A number of reactions exhibit the simple 
..behaviour expected from the above mechanisms, and in other 
cases the total course of the reaction can be explained by assuming 
them to consist of several such simple reactions. There is however 
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a large class of reactions in the gas phase (and to a lesser extent in 
solution) which differ markedly in their general characteristics 
from those described above, e.g.y they are extremely erratic and 
difficult to reproduce, as well as very susceptible to both positive 
and negative catalytic effects. They also frequently exhibit at the 
beginning of the reaction an induction period, during which nothing 
appears to take place. As examples of this class of reaction we 
may mention the combination of hydrogen and chlorine gases, 
and the oxidation of sodium sulphite by oxygen in aqueous solution. 

As a general explanation of this type of reaction it is assumed 
that molecules which have become activated by collision or in some 
other way (e.jr., by radiation, c/. [3.b.] ) can activate new molecules 
when they undergo reaction ; these new activated molecules are 
now able to react with the production of yet more activated mole- 
cules, and so on. For example, in the combination of hydrogen and 
chlorine the primary process is assumed to be dissociation of the 
chlorine molecule, 

Ch^2Cl, 

after which the active chlorine atom reacts with hydrogen, 

Cl-ir + 

and the hydrogen atom with chlorine, 

and so on. Once this chain of reactions is initiated, it will continue 
until all the hydrogen and chlorine have reacted, unless the active 
atom is de-activated by some other reaction. The net velocity of 
the process will clearly depend upon the number of chains and the 
average chain length, and the latter quantity will depend upon the 
probability that the chain will be interrupted by a side reaction. 
It is thus easy to understand how small quantities of impurities 
which are able to interrupt the chains can have a very great effect 
on the velocity of chain reactions. 

The formation of hydrogen chloride in a mixture of hydrogen and 
chlorine is powerfully catalysed by sodium vapour, on account of 
the reaction 

Na -f Cl^ -*■ NaCl + Cl, 

and is strongly inhibited by oxygen, which combines with the active 
hydrogen atoms. In mixtures free from oxygen the chain length is 
of the order of 10* molecules, and the chains are chiefly broken by 
the recombination of chlorine atoms, 2Cl —*■ Cl^. 

In the oxidation of sodium sulphite solution, Cw++ ions have 
been found to have a very great positive catalytic effect. Small 
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quantities of alcohol, on the other hand, have an inhibiting effect, 
being oxidised to aldehyde and thus breaking the chains. 

The theory of chain reactions has proved of great importance 
in interpreting a number of chemical phenomena, e.g., explosions 
and combustion in flames. 


2. Hbteboobneous Reactions 

If molecules which can react together are present in different 
phases, reaction will not be able to take place until the phases in 
question are brought into contact. If the system still remains 
heterogeneous, the reaction can be considered to take place in a 
boundary layer, into which the reacting substances pass by diffusion. 
If the velocity of the chemical reaction is great, the layer in which 
the reaction takes place will be thin, and the velocity of the whole 
process will be determined by the rate at which the molecules 
diffuse up to the boundary layer. If on the other hand the chemical 
reaction is slow, the rate of diffusion is immaterial, since there will 
always be saturation or partition equihbrium between the phases. 
Under these circumstances two cases may arise. In the first case 
the reacting molecules are distributed through the whole system, 
or through a whole phase, and the velocity is determined by the 
ordinary homogeneous kinetic laws. In the second case the reaction 
is caused by direct collision between the molecules in one phase 
and the surface molecules of another phase ; this may be regarded 
as the limiting case of reaction in a boundary layer, in which the 
tbickneas of the layer is reduced to molecular dimensions. Examples 
of all three cases are met with among heterogeneous reactions. 

(a) Diflusion Processes. Diffusion in solution is governed by 
Pick’s law, 

dn = DO,^ dt , (39) 

dx 

where 0 is the cross-section of the diffusion cylinder in which the 
experiment takes place, x is the distance along the axis of the 
cylinder, dn the amount of substance diffusing through O in time 
dt, and D a constant characteristic of the substance and the solvent. 
This law can be applied to processes consisting in the simple solution 
of a solid in a liquid, it being assumed that saturation equilibrium 
is set up instantaneously in the liquid layer in the immediate 
neighbourhood of the boundary surface. If a sohd is in contact 
with a solvent under constant stirring conditions, a stationary 
sJate will be established in which the substance passes from the 
surface of the solid into the homogeneous solution through a 
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boundaiy layer of constant thickness but decreasing ooncentraticm. 
For a 'Steady state (39) shows that the concentration gradient must 
be constant through the whole thickness of the boundary layer, 
so that the expression for the rate of solution assumes the form 

^ = A(s — c), (40) 

agreeing with the expression for a unimolecular process. This 
equation seems to be generally valid for simple solution processes. 

Such reactions are characterised by the efEect of the speed of 
stirring. Further, since the temperature coefficient of difiusion 
coefficients is small compared with that of ordinary chemical 
reactions, reactions which depend essentially on a diffusion process 
may be recognised by their small temperature coefficients. 

(b) The IMuolution of Metals In Adds. Metals may be regarded as 
built up essentially of positive metal ions and electrons. When metals 
dissolve in acids, . the simplest assumption is that a reaction takes 
place between the hydroxonium ions (or possibly other acid molecules) 
and the electrons in the metal, 

H>0+ + + H. 

Since the process removes a negative charge from the metal, a positive 
metal ion will then pass spontaneously into solution, so as to restore 
electrical neutrality. The primary process should belong to the third 
type of heterogeneous reactions mentioned above, though it will of 
course be followed by combination of the hydrogen atoms to give 
molecules. 

In the case of strongly electropositive metals which dissolve rapidly 
in aqueous solutions of acids, the velocity of solution will undoubtedly 
be determined by the rate at which the acid molecules (or ions) diffuse 
up to the surface of the metal. In other cases the velocity may be 
determined by the probability of the process in the above equation. 
This probability depends not only on the tendency of the metal to lose 
an electron, as expressed by its position in the electrochemical series 
[IX. 2. h.], but also on the so-called “ over-potential ” [IX. 2. q.], 
which is coimected with the possibility of hydrogen existing in an 
atomic state in the metal, and the related probability of hydrogen 
molecule formation. 

It is partly for this reason that the process of solution is often greatly 
affected by the degree of purity of the metal. If electrically conducting 
impurities of low over-potential are present as a heterogeneous phase, 
the process of solution will be greatly accelerated, as we may assume 
that when the heterogeneous metal comes into contact with the acid 
solution, a short-circuited galvanic element is set up. This so-called 
“ local element ” theory explains in a satisfactory manner the behaviour 
of metals such as industrial iron and zinc on treatment with acids. 

(o) Heterogeneous Catalysis. The velocity of a reaction taking 
place in a homogeneous phase is often greatly increased by the 
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addition of certain solid substances, known as “ heterogeneous” 
or “ contact ” catalysts. Well-known examples of this kind of 
oatal 3 d;ic action are the effect of platinum on the formation of water 
from hydrogen and oxygen, the decomposition of hydrogen peroxide 
in the presence of manganese dioxide, and the use of nickel in the 
hydrogenation of unsaturated organic com pounds . For gas reactions 
in particular contact catalysis is often exhibited by the walls of 
the vessel in which the reaction takes place, so that different 
velocities are observed in vessels of glass, porcelain and platinum. 
In such cases we may speak of a “ wall reaction.” The decom- 
position of arsenic hydride has already been mentioned as an 
example of this type of reaction. Another example is the reaction 
between ethylene and bromine vapour, which takes place rapidly 
at ordinary temperatures in a glass vessel, but is almost completely 
stopped by coating the glass with paraffin wax. 

The catalytic effect of solids is often highly specific, e.g., a 
substance can be decomposed in entirely different ways by using 
different solid catalysts. Contact catalysis thus does not consist 
entirely in a change in the velocity of the reaction, but may also 
change the nature of the reaction taking place. These general 
characteristics of heterogeneous catalysis are of great importance 
both from a practical and from a theoretical point of view. 

In the cases considered here the catalytic reaction is completely 
heterogeneous, i.e., it is not necessary for the catalyst to dissolve 
in the surrounding medium, and the reaction must take place on 
the actual surface of the catalyst. It is therefore natural to explain 
the catal 3 dic effect by supposing that one or more of the reacting 
substances are bound to the surface by the action of forces effective 
over very short distances, and that the deformation causeO by 
these forces renders the molecules more able to react. It is known 
that substances may be bound to a sobd surface in this way by the 
action of both chemical and physical forces ; this phenomenon is 
known as ” adsorption,” and will be dealt with further in a later 
chapter [XI. 1]. Under certain conditions of quantity of catalyst 
and concentration of substance, the adsorbed substance may cover 
the whole of the catalyst surface, this surface being saturated with 
reactant. If now the adsorbed molecules react unimolecularly, the 
reaction velocity will not depend on the concentration of reactant, 
being determined only by the number of adsorbed molecules. We 
therefore obtain a constant velocity, independent of the extent of 
the reaction ; this is described as a zero order reaction, and may be 
exemplified by the decomposition of hydrogen iodide on a gold 
surface, or the decomposition of ammonia on a heated tungsten 
wire. If adsorption only takes place to a small extent, the number 
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of adsorbed molecules may be directly proportional to the eonoem 
tration jn the gas or solution, and a first order reaction is obtained. 
This is the case, e.g., for the decomposition of hydrogen iodide in 
contact with platinum. In intermediate cases the order the 
reaction may be expressed by a proper fraction, corresponding to 
the exponent in the “ adsorption isotherm ” [XI. 1. a.]. It is 
clear that there will be a still greater number of possibilities for 
processes involving the reaction of molecules of different species 
in the adsorbed layer. 

However, in order to interpret the kinetics of heterogeneous 
catalysis it is not always necessary to assume that the reaction 
takes place in the adsorbed layer. In particular, when the process 
follows a simple first order law it can also be interpreted as a simple 
collision reaction. For example, in the decomposition of hydrogen 
iodide as platinum, the rate-determining step is assumed to be 
the collision of an HI molecule with the platinum surface, giving 
rise to the reaction 

HI + I + H{Pt), 

where H(Pt) represents atomic hydrogen combined with or dissolved 
in the platinum. This primary process is followed by a second 
collision, giving 

HI + H(Pt)-^ Ht(Pt) -f /, 
after which the two liberated iodine atoms combine 

and the dissolved hydrogen comes out of solution, 

+ Pt. 

If it is assumed that the first of these four reactions is the one 
which determines the rate, then the above reaction mechanism 
will lead to a unimolecular process, in agreement with experiment. 
This may be contrasted with the homogeneous decomposition of 
hydrogen iodide, which is bimolecular, as previously mentioned. 

The assumption of a number of successive reactions in a case 
like the above explains not only the order of the reaction, but also 
the fact that the reaction is able to take place at a relatively low 
temperature in spite of the high activation energy of the homo- 
geneous reaction. In the above mechanism the reaction is split 
up into steps with lower activation energies, thus leading to a 
correspondingly higher reaction velocity (c/. 1. g.). 

The assumption that one or more of the reactants is adsorbed 
has also been of great importance in interpreting heterogeneous 
catalysis of reactions between two or more molecules. According 
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to the nature of the reaction, widely different types of behaviour 
are met with. As an example we tnay mention the reaction between 
ethylene and hydrogen, 

which is catalysed by various metals. The reaction takes place 
when two molecules bound to the surface of the metal in a uni- 
molecular layer [XI. 1. a.] come into contact. At low temperatures 
with copper as catalyst the velocity is given by 

h = k-^, 

indicating that the metal surface is almost completely covered by 
ethylene molecules, so that the number of points at which a hydrogen 
molecule can be attached to the surface is inversely proportional to 
the ethylene pressure. With nickel as catalyst the adsorption 
behaviour is reversed, and the observed velocity expression 

Cff. 

can be interpreted in an analogous way. At higher temperatures 
the adsorption is much smaller and the greater part of the metal 
surface uncovered, so that we find agreement with the ordinary 
bimoleoular expression 

^ = Cn.cc,H,- 

In other oases, e.g., in the synthesis of sulphur trioxide, 

280^ + O^^2fin^, 

with a platinum catalyst, the reaction products have a strongly 
inhibiting efiect on the reaction. It may therefore be concluded 
that the reaction products are preferentially adsorbed, thus prevent- 
ing fruitful encounters between the reacting molecules on the surface 
of the catalyst. 


3. Photochbmical Rbactions 

Light often exerts a considerable effect upon chemical reactions. 
The term “ light ” is used here to mean electromagnetic radiation 
in general, but for reasons which will appear later chemical reactions 
are particularly sensitive to radiation of wavelength corresponding 
to ultra-violet or short-wave visible light. The effect of radiation 
upon chemical processes depends upon the adsorption of radiation 
energy by the system. Photochemical processes may be catalytic 
in the sense that the hght accelerates a natural process which is 
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capable of taking place spontaneously. The reaction between 
hydro^n and chlorine is an example of this type of effect. On 
the other hand, it is possible for light to bring about a reaction in 
a direction opposite to that indicated by the afhnity relations, thus 
indicating clearly the energetic nature of the process. An important 
example of this is the photochemical assimilation of carbon dioxide 
by plants. 


(a) Absoiptioil ot Light. When monochromatic light passes through 
a homogeneous phase by which it is absorbed, it is easy to deduce 
from simple assumptions that the following absorption law will hold, 

— (Uni — kdl, (41) 

where 1 is the intensity of the light after passing through a layer of 
thickness i, and h is a constant known as the absorption or extinction 
coefficient. Integration gives 


lnj^ = -ld, (42) 

where is the initial intensity. The decrease in intensity is thus 
/q — 1, and the amount of light absorbed in time < is (/ — /„) t. It 
may be noted that equation (42) is formally identical with the expression 
for the kinetics of a unimoleeular re«Mjtion. 

If the phase in question is a solution containing the absorbing 
substance at concentration c, (42) may be re-written as 



(43) 


where fc is the molar extinction coefficient. This expression represents 
the Lambert-Beer absorption law. k is not always absolutely constant, 
but is usually practically speaking so tmless the absorbing substance 
undergoes chemical changes with change of concontration. 


(b) The Law of Photochemical Equivalence. Photochemical 
reactions, like chemical reactions in general, will depend on an 
“ activation ” of the molecules taking part. It is believed that the 
primary photochemical reaction consists entirely of activation of 
this kind, and that aecondary reactions taking place between acti- 
vated or partly activated molecules will follow the ordinary kinetic 
laws. 

The eictivation caused by radiation is governed by the law of 
photochemical equivalence (Einstein), according to which the 
radiation energy absorbed by the molecule constitutes a “ quantum ” 
of radiation, hv, where h is Planck’s constant [III. (81)], and v 
the frequency of the absorbed radiation. The process of activation 
thus consists in the quantised absorption of energy, given by 

E = Nhv 

for the activation of N molecules. 


(44) 
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The activation of a molecule requires a certain minimum amount 
of energy, depending on the nature of the reaction. This means 
that a photochemical reaction will be characterised by a certain 
threshold value for the frequency of the light used, so that light of 
a lower frequency (i.e., a longer wavelength) will have no effect 
upon the reaction. The frequency v is related to the wavelength A 
expressed in Angstrom units by equation X. (54), 

Ac = 3-00 X 10^», (45) 

so that the activation energy per gram-molecule is given by 

E = Nohv == 3.00 Erg, 

where Ng = 6 06 X 10^^ and h — 6-55 x 10““’. If E is expressed 
in calories, this gives for the maximum wavelength which will be 
effective, 

A = . 10«. (46) 

In agreement with this treatment, it is found that light of short 
wavelength is in general more effective than light of long wave- 
length. Red light has a wavelength of about 7,000 A, corresponding 
to an energy of about 40,000 cals. ; thus it is clear that considerable 
activation energies may occur in photochemical reactions. On the 
other hand, when once the threshold frequency has been reached 
(44) shows that N, the number of molecules activated by an amount 
of radiation E, will decrease with increasing frequency (i.e., decreas- 
ing wavelength) of the light absorbed. 

The quantity N in equation (44), which is identical with the 
number of light quanta absorbed, is obtained by measuring the 
light absorption E according to the principles described in [a.], v 
being known from equation (45) if the wavelength of the light used 
is known. By comparing N wdth the number of molecules which 
have undergone chemical reaction, the “ quantum efficiency ” of 
the reaction is obtained. In simple cases these numbers are either 
identical or bear a simple relation to one another. Thus in the 
photochemical decomposition of hydrogen iodide with light between 
about 2,000 and 3,000 A, it is found that the absorption of one 
quantum of light leads to the decomposition of two molecules of 
hydrogen hahde. This can be accounted for by assuming that the 
primary reaction caused by the absorption of the quantum hv is 

HI + hv^H + I 
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followed by the secondary reactions 

and 

Tn such cases a direct verification of the law of photochemical 
equivalence is obtained. In other cases very different behaviour 
is met with, and the quantum efficiency may be either very much 
greater or very much smaller than unity. Values greater than 
unity are usually due to chain reactions, in which the primary 
activation of one molecule may lead to the reaction of a large 
number, while the deactivation of primary activated molecules by 
collision, before reaction has taken place, may reduce the efficiency 
to an unlimited extent. 

The combination of hydrogen and chlorine in the gas phase has 
already been mentioned as an example of a chain reaction. In 
this case the effect of the light is to start a reaction chain by photo- 
chemical activation, presumably by splitting up the chlorine into 
two atoms, after which the process goes on as previously described 
[1. i.]. 

(o) Photochemical Eqoilibrinm. If a reversible process is sensitive 
to light in one or both directions, then under constant conditions of 
illumination it will be characterised by an “ equilibrium state ” 
differing from the equihbrium state in the dark. This “ photo- 
equilibrium ” may be regarded as a stationary state, depending 
on the illumination as well as on the other factors which normally 
influence an equilibrium. The difference between the photo-equili- 
brium and the dark equilibrium depends on the independent effect 
of the light on the two opposed reactions. It thus appears that the 
similarity between photochemical action and ordinary catalytic 
effects is only a superficial one. 

As an example of a light-sensitive gas reaction of this type we 
may mention the dissociation of sulphur trioxide, 

280 ^ 280 ^ -f 0*. 

At 45° in the dark this reaction proceeds immeasurably slowly, the 
equilibrium corresxmnding to practically speaking undissociated 
80 ^. Under constant illumination by ultra-violet light, a stationary 
eqtiUibrium is set up which follows the law of mass action, and in 
which a considerable proportion of the system is present in the 
form of the dissociation products. 
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Photochemical equilibrium in solution has been investigated for 
the equilibrium 

2 Anthracene ^ Dianthracene. 

On illuminating with ultra-violet hght, anthracene is directly 
converted into dianthracene until a stationary equilibrium state, 
dependent on the illumination, is reached. In the dark the process 
is completely reversed, monomeric anthracene being the stable form 
under these conditions. The photochemical polymerisation obeys 
Einstein’s law of photochemical equivalence. 



CHAPTER IX 

ELECTROCHEMISTRY 

1. Electeolytic Conduction 

(a) The Conditions for Electrolytic Condnction. The power of 
electrical conduction is associated with the motion of electrically 
charged particles. In “ metallic conduction ” (which occurs in 
solid and liquid metals, and in a few metalloids and chemical 
compounds) it is believed that the conductivity is due to the motion 
of free electrons. This t 5 rpe of conduction is therefore not accom- 
panied by the transport of matter in the ordinary sense. It is also 
characterised by the fact that it increases with decreasing tempera- 
ture, and appears to attain extremely great values in the neighbour- 
hood of absolute zero (“ super-conductivity ”). 

Conduction of a different type arises when the moving particles 
are ions, i.e., atoms or molecules which have acquired electric charges 
by the gain or loss of electrons. On account of the movement of 
these ions, this type of conduction is invariably accompanied by the 
transport of matter, since in an electric field the positive ions will 
move in the direction of the applied potential, and the negative ions 
in the reverse direction. 

By the action of cathode rays, ultra-violet light and other agencies, 
gases can be ionised and hence rendered electrically conducting. 
The conductivity thus produced is however of a transitory nature, 
since the oppositely charged gas ions will soon discharge one another, 
thus causing the conductivity to disappear. High temperatures 
alone are often sufficient to produce ionisation, e.g., incandescent 
metals may emit electrons [X. 2. c.]. The conductivity present in 
flames is of a similar nature, being produced by chemical reactions 
in the flame. 

In contrast to these phenomena, electrolytic cofndvcti'oity is a 
permanent property of the conducting medium. The presence of 
electrolytic ions thus corresponds to an equilibrium, state in the 
medium. Conductivity of this type is usually present only to a 
small extent in pure substances. It is true that in the case of strong 
electrolytes the ions necessary for the transport of electricity are 
often present in the pure substance ; thus, as previously mentioned, 
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a substance like potassium chloride is completely ionised in the 
pure state. However, the ionic nature of such substances usually 
causes them to be solid under ordinary conditions, the ions being 
fixed in place in an ionic lattice. The conductivity at ordinary 
temperatures is therefore small, even in the case of strong electro- 
lytes. 

On fusion the lattice structure is broken down, and we therefore 
find high conductivities for fused salts. The same thing takes place 
when the salt is dissolved in a solvent, and if the dielectric constant 
of the solvent is high enough to prevent all the ions associating 
together to form uncharged molecules, then electrolytic conductivity 
will result. 

In other cases, particularly in solutions of acids and bases, the 
formation of the ions necessary for conduction only takes place by 
a chemical reaction with the solvent. 

(b) Electiochemical Reactions. Faraday’s Law. The passage of 
a current through a completely homogeneous conductor will not 
produce any chemical changes. This will not however apply to the 
boundary between two different conductors, since here there will 
not be sjrmmetry with respect to the supply and removal of the 
moving particles. If one of the conductors is metallic and the other 
electrolytic, a change will take place at the boundary which may be 
termed an dectrochemical reaction. Such a reaction is characterised 
by the part played by electrons in the electrode process ; according 
to the direction of the current electrons will be either given up to the 
metal electrode from the electrolytic conductor, or given up to 
substances present in the electrolytic conductor from the metal 
electrode. In the simplest case the reaction consists of the solution 
or deposition of a metal, according to the scheme 

Me+ + © 

Electrochemical reactions are governed by Faraday’s law, accord- 
ing to which the amount of substance transformed at the electrode, 
measured in gram-equivalents, is proportional to the quantity of 
electricity and is independent of the chemical nature of the sub- 
stance. The amount of electricity required to Uberate or dissolve 
one gram equivalent is 

F = 96,500 coulombs, 

and is termed a Faraday. Expressed in ampere hours, F 26 S2. 
This effect of the current can be used to measure the current or the 
.quantity of electricity, e.g., in the silver voltameter, where it is 
easily shown that 1 gram of silver corresponds to 8944 coulombs, 
the atomic weight of silver being 107'88. 
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If an tiqaeoas Bolution ia ekctrolyeed, the produots at the negative 
dectrode or cathode (i.e., the electrode by which the current leaves 
the apparatus) will be hydrogen or metals, or produots produced 
from these substances by chemical reaction. Similarly, at the 
electrode or anode the products will be oxygen, or other 
electronegative substances, or their reaction products. The com- 
ponents of the electrolyte are the cation, which is discharged at the 
cathode and has a positive charge, and the anion, which is discharged 
at the anode and has a negative charge. The amount of charge on 
one gram equivalent of an ion is F. 

The validity of Faraday’s law is a direct consequence of the 
atomic nature of electricity and the resulting view of the ionic 
charge. As previously stated [III. 1. a.] the elementary quantum 
of electricity is 

€ = 4-774 electrostatic units, 
or, since one coulomb is equal to 3 X 10* of these units, 
t = 1-591 X 10“** coulombs. 


By combining this value with Faraday’s constant, we obtain for 
Afoi the actual number of molecules in a gram-molecule, 

JV = — = 6.06X10*8. 

“ f 


(c) Electrolytic Transport. We will consider a solution containing 
a completely dissociated salt. When a current passes through ttus 
solution the ions will move through the liquid, the cations towards 
the cathode and the anions towards the anode. In sufficiently dilute 
solution, the ions move independently of one another, and for a 
given ion and given conditions the velocity is constant and directly 
proportional to the applied force, ».e., to the electrical field strength 
between the electrodes. This direct proportionality is due to the 
relatively high resistance offered by the liquid to the motion of the 
ions. The resistance does, however, depend on the nature of the 
ion, so that the anion and the cation will not in general move with 
equal velocities when acted on by a given force. The transport of 
electricity will therefore be shared unequally between the ions. 
Let « and v be the mobilities of the cation and anion respectively, 
i.e., their velocities when acted on by unit force. Then for the 
passage of F units of electricity through a uni-univalent electrolyte 
the fractions of a gram-ion which pass a given cross-section of the 
solution will be 


n + v 


= n and 


« -f r 


= 1 — M 
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respectively, and the same ratios will represent the fractions of the 
total amount of electricity carri^ by the two ions, n and 1 — » 
iue termed the transport numbers of the ions (Hittorf), and for dilute 
solutions are independent of the current carried. The mobilities 
u and V are also the determining factors in the free diffusion of salts 
fXI. 2. d.]. 

In considering further the independent migration of ions we shall 
take as an example the electrolysis of a solution of silver nitrate 
between two silver electrodes. We shall imagine the liquid to be 
divided by a porous partition into the cathode compartment C 
and the anode compartment A, and consider the passage of F units 
of electricity from A to C. In .<4, one equivalent of silver will go 


into solution in the form of silver ions. — ; — equivalents of silver 

M + e 

will pass from .4 to C as positive ions, while — ; — equivalents of 

M -f- V 

nitrate pass from C to 4. The number of equivalents of silver 
added to A will therefore be 1 ; — = — r— : this is equal to 

M -j- t) u + V 

the number of equivalents of nitrate ions added, so that the amount 
of silver nitrate in this compartment will be increased by ^ ^ 

equivalents of salt. 

In C, one equivalent of silver ions will be removed, being deposited 

u 

on the electrode in the form of metalhc silver. ^ ^ ^ equivalents 

of silver ions are supplied from A, and equivalents of nitrate 

migrate in the reverse direction. This leads altogether to a decrease 
of equivalents of silver nitrate. The effect of the passage of 

the current on the composition of the solution is thus to transport 
equivalents of salt from U to 4 . If 4C and J4 represent the 

« + c 

increases in the amount of salt in C and A respectively, then 


AA = - AC = = 1 - »• 

u + V 

The transport numbers can thus be obtained directly by determining 
the quantities AA or AC. 



^8 


ELECTROCHEMISTRY 


If a solution of hydrogen chloride is electrolysed between platinum 
electrodes, so that hydrogen is evolved at the cathode and chlorine 
at the anode, then F units of electricity will liberate one gram 

u 


equivalent of each substance. At the same time 


u V 


lents of hydrogen will migrate from A to 0, and 


= n equiva- 


= 1 — w 


u + V 


equivalents of chlorine in the opposite direction. We thus have 

u 


jA = — a- 

JC= —H — 
whence 


-^H+ Cl= HCI, 

U U U -f V 

= 

a -i- V u + v u + w 


— JA 

— JC 


u 

V 


The ratio of the transport numbers, or between the velocities of 
the two ions, is thus equal to the ratio between the amounts of 
hydrogen chloride lost at the cathode and at the anode, so that 
n and 1 — n can also be determined experimentally in this case. 

Secondary electrode reactions will not in general prevent the 
experimental determination of transport numbers, as examination 
will show. The following table gives the transport number of the 
cation in O-l molar solutions of a few salts at 25°. 


Table I. Transport Numbers of Cations 


Salt. 

n. 

SCI 

0-831 

LiCl 

0-317 

NaCl 

0-386 

KCl 

0-490 

KBr 

0-484 

KNO, 

0-513 

NHtCl 

0-490 

AgNO, 

0-468 


(A) Speciflc, Molar and Equivalent Conductivitr. The specific 
conductivity of a solution is defined as the reciprocal of the resistance 
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of a column of Uquid 1 cm. long and 1 gq. cm. in cross-section. It is 
denoted by <(. If the solution is placed in a vessel with two fixed 
electrodes, the resistance is determined by the liquid between the 
electrodes and will be inversely proportional to the specific con- 
ductivity. We thus have 

Ic 

r 

where r is the measured resistance and k a constant characteristic 
of the vessel and electrodes, k is known as the “ cell constant,” 
and can be measured by using a liquid of known specific con- 
ductivity. 

The numerical values of the specific conductivity of electrolytes 
(which will be expressed in reciprocal ohms) are small compared 
with the corresponding values for metals. Thus for a normal 
solution of potassium chloride at 18°, k = 0-0983, w-hile for copper, 
K = 570,000. This difference is due to the great resistance en- 
countered by ions when passing through a liquid, relative to the 
resistance to the motion of electrons in the metal. 

The molar covduclivity is defined as the reciprocal of the resistance 
of that quantity of solution which contains one gram-molecule of 
solute, when measured with -electrodes which are 1 cm. apart. On 
the basis of this definition it is easy to find the relation between the 
molar conductivity A and the specific conductivity k, since the 
conductivities must be in the same ratio as the volumes of liquid 
between the electrodes. This gives 


A = 


1000 Fk =• 


1000 
K 

m 


( 1 ) 


where V is the molar volume expressed in htres and in the molar 
concentration. 

The equivalent conductivity X is defined as the conductivity of 
that quantity of solution w-hich contains one gram -equivalent of 
solute, measured in the same way as above. It is related to k by 
an equation analogous to (1), i.e., 


A = 


1000 
K 

c 


( 2 ) 


where c is the equivalent concentration. For uni-univalent salts 
A and A are of course identical. 

■% ,(e) Strong Electrolytes. The following table gives the molar 
conductivities of a series of salts at 18° at concentrations from 
1 to 0-0001 molar. 
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Tablx n. Molar Conductivities of Salts 


e 

0 

0.0001 

0.001 

O.Ol 

0.1 

1 

KOI 

129-9 

129-1 

127-3 

122-4 

112-0 

98-3 

NoCl 

108-9 

108-1 



92-0 

74-3 

BCl 

— 

— 

377 

370 

351 

301 

NaOH . 

— 

— 



183 

160 

AgNOi . 

115-8 

116-0 

113*2 

107-8 

94-3 

67-8 


According to the classical theory of electrolytes [VII. 1.], the 
considerable increase in A with increasing dilution is attributed to 
an increase in the degree of dissociation. According to modem 
views, however, salts are in general dissociated to such a great 
extent that this interpretation of the change of conductivity is not 
permissible. On the other hand, the electrical forces, which have 
been shown to determine the thermodynamic behaviour of salt 
solutions, can also be invoked to explain the effect of concentration 
upon electrolytic conductivity. 

It has been previously shown [VII. 2. c.] that the ions in a solution 
will tend to become surrounded by ions of the opposite sign, so that the 
change on the " ionic atmosphere ” surrounding an ion is opposite in 
sign to the charge on the ion. When an ion moves under the influence 
of an electric field, the readjustment of the ionic atmosphere will 
require a certain time, known as the relaxation time : hence the distribu- 
tion of charge will be symmetrical about the ion (as in the case of a 
stationary ion), but will be less in front of the moving ion as greater 
behind it. Since the ion emd its atmosphere have opposite charges, 
this will lead to an electrostatic force, the relaxation force, which will 
retard the motion of the ion. This force will increase with increasing 
salt concentration. 

In addition to this effect, the motion will be retarded owing to the 
fact that the ions carry with them to a certain extent the surrounding 
solvent. On account of the opposite charge of the ionic atmosphere, 
this means that the ions are moving through a medium which is on the 
whole moving in the opposite direction. This effect also increases with 
increasing salt concentration. The effect of concentration on the 
conductivity is thus explicable in terms of modem views on the dissocia- 
tion of salts. 

Just aa in the activity theory, the difference between the con- 
ductivities of solutions of different concentrations is found to 
depend upon the square root of the salt concentrations. If A is 
the conductivity at a given concentration c, and A,, the con- 
duotivity at infinite dilution, then measurements in dilute solutions 
can be represented by the equation 

A = Aoo — aV^, 


(3) 
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whore K is a constant depending on the salt and on the solvent. 
Moreover, an ei}uation of this form can be derived from the Debye* 
Hfiekel ionic atmosphere theory, using the conceptions outlined 
above. This theory predicts the value of the constant a in terms 
of the valencies of the ions, , the temperature, and the dielectric 
constant and viscosity of the medium. For uni-univalent salts in 
water at 18°, the theoretical equation is 

A = Ao. — (50.5 + 0.225A,) yc. (4) 

This equation is only valid as a limiting law in the dilute range, 
but usually permits of extrapolation to obtain A^, the conductivity 
at infinite dilution. According to the law of the independent migra- 
tion of ions, this value must be equal to the sum of the conductivities 
(or mobilities) of the separate ions at infinite dilution, i.e., 

Aoo = ^t+ "}" (6) 

Considerable deviations from the limiting law are attributed to 
incomplete dissociation, or “ ion association,” as this phenomenon 
is also termed when dealing with tj'pical salts. 

In the last section it was shown that transport experiments could 
be used to determine the ratio of the mobilities u and u for the two 
ions constituting a salt. Since the conductivities of ions bearing 
the same number of charges are in the same ratio as their mobih’ties, 
we can write 



The last two equations show that both the sum and the ratio of 
Act+ and A^_ are accessible to measurement, so that the conductivities 
of the individual ions can also be obtained. The following table 
gives values for some common ions at 18° at high dilutions. 


Table III. Imk Conductivities 
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If direct current is used for measuring electrolytic conductivities, 
then ^less special precautions are taken polarisation at the 
electrodes will interfere with the measurements. For this reason 
an alternating current is generally used for such measurements, 
and it is usually found that the frequency of the current is without 
effect. We should however expect such an effect if the frequency 
becomes so great that the period of an oscillation is of the same 
order of magnitude as the relaxation time, since in this event the 
retarding effect described above will be weakened. In agreement 
with this prediction, a sensible increase in conductivity has been 
observed at very high frequencies. 

The values of for different ions in a given medium must depend 
on the viscous resistance offered to the motion of the ion, and would 
therefore be expected to decrease as the ionic radius increases. In 
dealing with this effect it must be remembered that ions are in 
general solvated to some extent, i.e., they are combined with solvent 
molecules to give more or less permanent complexes. The value of 
the conductivity is therefore not directly determined by the size of 
the unsolvated ion ; thus in Table III it is not unreasonable that 
should have a greater conductivity than since there is inde- 
pendent evidence to show that the sodium ion is more strongly 
hydrated than the potassium ion. 

The very high mobilities exhibited by the and OH~ ions in 
aqueous solution may be accounted for by assuming that the 
observed conductivity is not only caused by the motion of individual 
ions, but that the mobile protolytic equilibrium between these ions 
and the molecules leads to a transfer of the mobile protons from 
one molecule to another in the direction of the potential gradient. 

It is possible to calculate the absolute velocity with which an 
ion moves in an electric field. The specific conductivity of an ion 
is equal to the charge carried by the ion in 1 c.c. of solution multi- 
plied by the absolute velocity of the ion, h, in a potential gradient 
of 1 volt per cm., giving 


whence 


* 1000 

lOOOx A 
~~ mzeN^ zF 


For the hydrogen ion, A = 316, z = 1, F = 96,500, giving 
h, — 0-0033 cm./sec. 



IX. 1. ELECTROLYTIC CONDUCTION 


273 


while for the potasaiuni ion 

h = 0-00066 cm. /sec. 

These values agree in order of magnitude with the values calcu- 
lated from Stokes’ law [XL 2. d.]. 

(f) Weak Electrolytes. Solutions of weak acids and bases will 
conduct electricity to a con.siderably smaller extent than solutions 
of strong electrolytes. On dilution their conductivitj' will change 
by a much greater proportion than is the ease for strong electrolytes, 
since in addition to the interionie forces there will be a change in 
the degree of dissociation The second of tiiese two effects is in 
general by far the most important. We should not therefore antici- 
pate that equation (3) would lie of any use in practice as a limiting 
law for weak electrolytes. 

As mentioned in [Vil. 3. a.J, the use of the conductivity method 
for determining the degre<" of di.ssociation of weak electrolytes 
demands a knowledge of the conductivity at infinite dilution. It is 
not in general possible to obtain this hy extrapolation, since a weak 
electrolyte generally becomes approximately completely dissociated 
at such a high dilution that measurements can no longer be carried 
out accurately. For example, for acetic acid wc have K = 1-Hx 10'®, 
and Vn. (60) gives « = O-OO at r = 1-8 X lO"' : hence even if 
VTI. (60) could be applied hi this very low concentration without 
taking into account the di.ssociatioti of the water itself, there would 
still remain 1% of undi8.sociaU-d acid. 

The value of is therefore determmcil by a different method, 
making use of the law of the iiidepeiKlence of ionic mobilities, hor 
acetic acid, Bff, we have 

Aoo = 1" ^HiO+i 


and the mobilities on the right-liand side can be obtained from 
data for strong electrolytes, e.ff., .sodium acetate and hydrogen 
chloride, using the method.s previously described for obtaining the 
individual ionic mobilities. Or use can be made of the equation 
Abh = Ahci + A^„b - Ajv„ci- In connection, however, it should 
be noted that the anions of weak acids are bases, and thoir protolysis 

(“ hydrolysis ”) can have an appreciable effect upon the conductivity, 

especially at high dilutions. 

It is possible to use conductivity measurements for following the 
course of chemical reactions whicli are accompanied by a change in 
the ionic concentration or by the replacement of ions by others of 
different conductivity. This is the principle on which conducto- 
'metric titrations are based. On account of the high mohihties of 
the JI 3 O+ and Off- ions, when a strong acid is added to a solution of 
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a strong base (or vice verad), the point of equivalence is the point at 
which the conductivity passes through a minimum. 

(t) !lbe Condnotivity of Pure Water. Ordinary distilled water has 
a specific conductivity of about 10“*. The greater part of this 
conductivity is due to impurities, chiefly carbon dioxide and to a 
lesser extent ammonia and substances derived from contact with 
glass. On very careful purification the conductivity falls to 

a: = 4-0 X 10"“ 

at 18° C. It increases by aboxit 6% for every degree rise in tempera- 
ture. 

As previously described, the conductivity of pure water is due 
to its ampholytic nature and the consequent protolytic reaction 
[VII. (72)]. It is possible to determine the dissociation constant or 
auto-protolysis constant of water from its conductivity. If we 
apply equation (1), 

^ 1000 

A = K , 

m 

to pure water, then m is the molarity of the dissociated water 
molecules and A the sum of the conductivities of the hydi'oxonium 
and hydroxyl ions, i.e., 

A , A 

^fl.O+ "T- -doH- = X~^- 

Inserting the values from Table III, and putting k = 40 X 10”*, we 
have for the normality of the ions, 

TO = 8-2 X 10-*, 
and for the dissociation constant of water, 


K^H.0) = 6-V X 10-1*, 

in good agreement with values found by other methods. 

In accurate work on the conductivity of aqueous solutions, 
allowance must be made for the solvent conductivity, which is 
normally chiefly due to impurities contained in the water. It is 
however diflScult to apply this correction to solutions of acids or 
bases on account of the protolytic nature of the chief impurities. 

(b) The Effect of the Solvent. It has already been mentioned that 
the resistance offered to the motion of a particle increases with the 
viscosity of the liquid [II. 2. b.]. This factor is of prime importance 
in considering the dependence of the conductivity upon the medium. 
For a large group of solvents it is found that the conductivity of a 
large ion (which is not solvated to a great extent) is at least roughly 
inversely proportional to the viscosity, so that we can write 
Arj constant 
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where the value of the constant varies between 0-6 and 1 when the 
visooeity is expressed in absolute units. 

The conductivity of a salt also depends upon the “ dissociating 
power ” of the solvent. As previously stated [VII. 2. a.], this 
property is related to the dielectric constant, since according to 
Coulomb s law the forces between charged particles are inversely 
proportional to this constant. 


Table IV. 


Dideciric Constants of Liquids 


Hydrogen cyanide . . . .66 

Formamido . . . >84 

Water ...... 81 

Formic acid . . . . .68 

Nitromethane ..... 39 

Acetonitrile ..... 36 

Methyl alcohol ..... 33 

Ethyl alcohol .... .26 

Acetone ...... 22 

Sulphur dioxide ..... 16 

Pyridine . . . . . .12 

Phenol . . . . .10 

Ether. ...... 4-8 

Chloroform. 4'6 

Benzene ...... 2-3 

Hexane . . . . 1’9 


If we consider the conductivity of a salt in the above series of 
solvents, values are found which on the whole decrease parallel 
with the dielectric constants. There are, however, numerous 
exceptions, e.q., hydrogen cyanide is not nearly such a strongly 
dissociating medium as would be expected from its position in the 
series. 

The effect of dilution upon the conductivity is usually much less 
simple and predictable in solvents of low dielectric constant than for 
aqueous solutions. 

2, Electrical Potential and Electromotive Force 

(a) Potential Differences between Two Phases. The Electro- 
e h e m i e el Potential. The difference in electrical potential between 
two points is defined in electrostatic theory as the work done by 
electrical forces in transferring unit quantity of electricity from 
^ne point to the other. A corresponding definition can also be 
applied to chemical systems, provided that the two points considered 
are in the same medium. In particular, if there is electrical equili- 
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brium in a homogeneous phase which is a conductor of electricity, 
the electrical potential may be said to be the same throughout. 

If on the other hand the chemical system being considered is not 
homogeneous, but consists for example of two difierent phases, then 
it is easily seen that the above definition can no longer be used 
directly. According to the definition, the potential difference is 
measured by the amount of work done in transferring unit quantity 
of electricity from one phase to another. An abstract “ quantity of 
electricity,” however, exists only in electrostatic theory, and not in 
actual systems, where every electric charge is associated with a 
particle (ion or electron), the chemical nature of which will play a 
part in determining the work of transference. In other words, for a 
given charged particle this work will depend not only on electric 
forces, but also on chemical ones, i.e., forces which are also effective 
in the transfer of uncharged particles. 

The definition of potential used in electrostatics is therefore not 
immediately applicable to chemical systems on account of the 
effect of the change of medium. Conversely, in considering the 
chemical potential of charged particlas a term must be added to 
allow for the electrical effects, so that the'thermodynamic equations 
must contain an extra variable of electrical origin. Purely thermo- 
dynamical methods do not make it possible to distinguish between 
the effects due to electrical and chemical factors, but we may 
represent the thermodynamic behaviour of ions by replacing the 
chemical potential p by the electrochemical 2>otential in the thermo- 
dynamic equations. The significance of Ji is given by the equations 
thus obtained, and its value will depend ujxjn state of electric 
charge, as well as on the surrounding medium and the other variables 
representing the state of the system. It appears reasonable to 
attempt to split up the electrochemical potential thus defined into a 
chemical and an electrical component by means of the expression 

= + if/zF, 

where z is the valency of the ion and F represents a Faraday, but it 
is clear that this formulation is meaningless as long as iji is only 
defined by the above electrostatic definition of electrical potential. 

The determination of which we shall term the electrical potential 
of the phase, becomes possible if we arbitrarily define iji as zero in 
a phase which is unchanged, i.e., electrically neutral. If we consider 
an isolated phase satisfying this definition, then the chemical 
potential of any ion in this phase will be given by 
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and since is thermodynamically defined, this constitutes a 
definition of fij. Further, since the charge on a phase has practically 
no effect on its chemical composition, we can define /xj as being 
independent of the state of charge : under these conditions the 
above equation for p, constitutes a general definition of if). 

The division of the electrochemical potential into a chemical and 
an electrical component is thus permissible, and leads in principle 
to satisfactory definitions of the single components. Special 
difficulties are however encountered in the experimental determina- 
tion of these electrical potentials, since electrical potentials of the 
order of magnitude occurring in chemical systems are produced by 
immeasurably small quantities of ions, thus preventing the use of 
ordinary thermodynamic methods for the determination. We 
shall not however consider here the possibility of actual determina- 
tions of electrical potentials and chemical potentials of ions in 
systems of this kind, since the only point which is essential for our 
present considerations is the proof that these quantities can be 
defined and used in principle. 

This proof of course also applies to other functions such as the 
activity and activity coefficient of electrically charged particles. 
For example, if an ion is in distribution equilibrium between two 
isolated phases, then if the' ionic concentrations are so small that 
the phases can be regarded as uncharged, these concentrations will 
be inversely proportional to the absolute activity coefficients of tlie 
ions [IV. 3. e.]. 

In agreement with this, the flifference in electrical potential 
between two phases in which ions are distributed can be attributed 
to the difference in the absolute activity coefficients of one or more 
ions in the two phases Such a difference wOl be present in general 
for all ions, and there will therefore be a tendency for non-uniform 
distribution of ions and hence the production of electric charges on 
the phases. For example, if metallic zinc is brought into contact 
with a solution of a zinc salt, it will be possible for zinc ions to pass 
either from the metal into the solution, or in the reverse direction. 
In the first case the metal will be charged positively relative to the 
solution, while this will be reversed in the second case. As a second 
example we may consider an aqueous solution of NaCl shaken up 
with ether until equihbrium is reached : there will then be an 
unequal distribution of the two sorts of ions between the two liquid 
phases, and hence a displacement of charge. However, an account 
of the large value of the ionic charges, the deviation from equivalence 
' between positive and negative particles in a given phase will always 
be too small to be detected analytically. 

In the above examples we may regard the potential produced as 
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due tom, oompelition between cnemioal and electrical forces. Tbe 
former are in^vidual in character, and attempt to set up an uneven 
distribution, while the latter attempt to restore electrical equiva^ 
lenoe, in which they are supported by the thermal motion of the 
mtdeoules. As a result of this there will be an electrical double 
layer at the interface between the two phases, since the ions which 
are in excess in the two phases will tend to approach one another 
as closely as possible, but are held back in their own phase by the 
chemical forces. 

It is possible in principle to calculate by ordinary electrostatic 
principles the difference in potential due to this unequal distribution, 
since it is equal to the work needed to take a unit electric charge 
through the double layer. It is however necessary to know both the 
electrical density and the thickness of the layer in order to carry 
out this calculation. It should also be remembered that each half 
of the layer cannot be regarded merely as a plane, since on account 
of thermal agitation they will be diffuse in character. 

The mechanism described here for the setting up of a potential 
difference between two phases can also be applied to a contact 
between two metals. As previously mentioned, the electrons 
constitute the mobile components of metals, and we may assume 
that they have a tendency to become unequally distributed between 
the two metals, thus setting up an electrical double layer and a 
difference of potential. This is termed the contact potential 
and is equal to the difference between and the potentials of 
the two metals. Systems composed of metals do not therefore 
differ from other systems in this respect. The interface between 
two metals does however exhibit very much simpler behaviour 
than the interfaces between other phases. This is because in the 
case of metals the transport of electricity when a current is passed 
is duo entirely to one kind of particle, the electron : since electrons 
cannot accumulate, the current therefore brings about no changes 
whatever at the point of contact. This simplification is entirely 
absent at interfaces between metals and electrolytic conductors, 
since in this case the conducting particles are different on the two 
sides of the plane of contact, so that the passage of a current must 
necessarily bring about chemical changes. 

(b) The Electromotive Potential of Metals. Let us consider two 
blocks of metal in direct contact. In agreement with what has been 
said above, there will be an electrical potential difference between 
the metals : however, this will not be apparent when the two metals 
ate connected to a voltmeter, since no matter what the nature of 
the metallic connection, the instrument will give no deflection 
provided the whole system is at a constant temperature. This is 
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an experimental result, and also follows from the laws of thermo- 
dynamics, since the system admits of no possible compensation 
for the electrical work which would be associated with the passage 
of current through the system. 

A closed circuit composed of metals will thus exhibit no current 
if kept at constant temperature. If however there are differences 
in temperature between the different points of contact, this will 
set up a “ thermo-electric force ” which can bring about the trans- 
formation of thermal {loteni.ml energy into electrical energy (or 
vice veTsd) when a current passes through the system. 

The absence of current in the isothermal circuit is thus a conse- 
quence of energy relations, but may also be interpreted in terms of 
the state of electrical equilibrium between two metals in direct 
contact. As mentioned above, this equilibrium depends on the 
identity of the electrochemical potentials of any mobile particle in 
the two phases. Since the atoms and ion.s in the metal are completely 
fixed in the crystal lattice (and those in a liquid metal may be 
regarded as motionless compared with the electrons), the electron 
is the only mobile particle, and the condition for electrical equili- 
brium between the two phases may be expressed by 

Since in the equilibrium state the system of metals has no effect 
upon a voltmeter, equation (7) has an important practical bearing 
on electrical measurements. This may be e.'cpressed by introducing 
a quantity termed the elertrontofive jwlenlial v, defined by 


jtF = — pe- (8) 

The electromotive potential is thus a quantity which is propor- 
tional to the electrochemical potential of the electron, but has the 
opposite sign. It is of great importance in determining the behaviour 
of the metal towards a measuring instrument. In a system of metals 
in contact with one another each metal will have its individual 
electrical potential, but the electromotive potential will be the same 
throughout the whole system of metals. If one such system is 
placed in contact with each of the two terminals of an instrument 
for measuring potential, the deflection will give the difference 
between the electromotive potentials of the two systems. 

The relation between the electrical potential and the electro- 
' motive potential of metals is obtained in the following way. As 
described above, the electrochemical potential of an ion of species 1 
can in general be split up into two terms according to the equation 
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= f*t+ 2 iFili, ( 9 ) 

and hence for an electron in a given metal (I), 

1^0 = /^ect) — ^'4'X (10) 

By introducing the electromotive potential, as defined above, this 
equation becomes 

Fir^ = — /^eci) + fV'i. (11) 

The electron concentration in a given metal is practically a 
constant quantity even for high charges, since even very small 
deviations from equivalence correspond to very great charges. 
Hence pQ, the chemical potential of the electron, must be a charac- 
teristic constant for a given pure metal at a given temperature. The 
difference between the electromotive potentials of two metals is 
therefore expressed by 

JTa) = — (Mail) — M©(4)) + ^ (*/'i — l/'*)- (12) 

where the first term on the right-hand side dei>ends on the nature 
of the metals. If this equation is applied to two metals in contact, 
we have — >p2 — 'f'12 ~ the contact potential, while ttj = tt^. 
Hence in general, 

i“0a) — = (13) 

and 

TTl — = i/'*) — i/'l-E- (14) 

The difference of electromotive potential between two metals is 
thus equal to their difference in electrical potential minus the 
contact potential. 

If the two metals are the same, ^^2 = 0 , in which case the 
difference in electromotive potential is equal to the difference in 
their electrical jrotentials, i.e., 

TTi — TIj = ( 15 ) 

Equation ( 13 ) shows that the contact potential is given by the 
difference of two quantities p©i and p@2, which are characteristic 
of the single metals and not of the combination. This is in agree- 
ment with the law of additivity on which depends the absence of 
current in a circuit composed of metals. 

We shall denote the potential corresponding to p0 by i/j*, defined 
by 


IP*F = — flQ- 


( 16 ) 
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Equation (13) then becomes 

ipr->p,*= -ipi.2 (17) 

and (11) becomes 

7r = Ip -f-ip*. (18) 

The quantity — ip* thus introduced is a constant characteristic 
of a given metal and is a measure of the tendency of an electron to 
leave the metal when the latt<T is electrically neutral. 

(c) Galvanic Cells. When a number of conductors are connected 
in series so that the passage of a current causes changes to take 
place at the boundaries between the conductors, the system is 
generally termed a galvanic cell or dement. The simplest form of 
such a cell consists of two metallic electrodes separated by electro- 
lytic conductors. If the system as a whole is not in chemical 
equilibrium, the two metallic electrodes will possess different 
electromotive potentials. The difference between the electromotive 
potentials of the electrodes is termed the electromotive force of the 
cell, and can be read off directly on a suitable instrument for 
measuring potentials. If the electrodes are connected by a metallic 
conductor, a current will pass through the cell, and electrical 
energy will be produced at the expense of other forms of energy. 

When a current is being produced, the difference between the electro- 
motive potentials of the electrode's (i.e., the voltage of the cell) will fall 
below the electromotive force, since we have 
71 ={ri+r^)i, 
n' — Tyi, 

where tt is the electromotive force, ir the voltage of the coll, ?% the 
internal resistance of the dell, and r, the external resistance of the 
circuit carrying the current. If the external resistance is very great, 
this difference disappears. Further, the voltage may fall on account of 
chemical changes produced in the cell by the passage of the current. 

A galvanic cell mav be treated from two essentially different 
points of view. On the one hand, we may consider the dependence 
of the single boundary potentials on the nature of the phwes in 
contact. On the other hand, we may regard the whole cell as a 
chemical system capable of producing electrical energy, which can 
therefore be treated by ordinary thermodynamic methods. In 
both cases the object of the treatment is to calculate the electro- 
motive force of the cell, or its dependence upon the variables 
'involved. It is only possible to obtain quantitative results of this 
kind when the cell functions in a completely reversible manner. 

(d) Electromotive Reversibility. To explain this concept we will 
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oonaider a galvanic cell E connected to another source of current 
E^, tile positive and negative poles of E being connected respectively 
to the positive and negative poles of E^. If it is possible to vary the 
vfdtage of £, continuously, it will be possible to find a particular 
voltage v for which no current passes through the combination of 
B and E^ ; this may be detected, for example, by means of a 
galvanometer inserted in the circuit. If now an increase or decrease 
of the voltage by a very small amount Jv causes a current to flow 
in opposite directions, the first condition for the reversibility of 
the ceU E will be satisfied. In a reversible galvanic cell the electro- 
motive force is thus independent of the direction of the current. 

If this condition is satisfied, then the other condition for reversi- 
bility will also be praictically always satisfied, i.e., that the passage 
of current in two opposite directions through the cell brings about 
chemical changes differing only in their direction. We can therefore 
define a reversible galvanic cell as an electromotive combination in 
which the direction of the current has no effect on the electromotive 
force, and only affects the direction of the chemical process resjion- 
sible for the electromotive force. These criteria can only be applied 
when the current is infinitesimal, since with finite currents the cell 
is not completely reversible, and a part cf the electrical energy 
which would otherwise be available is lost as heat inside the cell. 
This “ ohmic ” heat must not be confused with reversible heat 
change in the cell, which may be either positive or negative, and 
which (for a given cell) depends only on the quantity of electricity, 
and not on the strength of the current. 

All transformations in the cell must of course follow Faraday’s 
law, i.e., one equivalent corresponds to a quantity of electricity 
F = 96,500 coulombs. Since electrical energy is expressed as the 
product of potential difference and quantity of electricity, each 
equivalent transformed in the cell will produce ttF units of electrical 
energy, where tr is the electromotive force of the reversible cell. 
This quantity must also represent the maximum electrical work 
which the chemical process in question can produce, since n repre- 
sents the limiting value of the potential difference which the cell 
can overcome. If the transformation taking place in the cell is 
accompanied by a volume change, a certain amount of mechanical 
work wiU also be done ; this is, however, generally very small 
compared with the electrical work. 

There is an obvious analogy between electromotive reversibility 
and the mechanical reversibility of other processes, e.g., when a 
liquid vaporises under the pressure of its saturated vapour, and 
produces a certain volume increase against an equal opposing 
pleasure. In botii cases the maximum work is obtained when the 
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inteDaity factor which determines the direction of the process has 
its maximum value. This agrees with the previous statement that 
reversible processes take place through an equilibrium state. 

(e) The Thermodynamic Treatment of Galvanic Cells. The maxi- 
miun electrical work for a reversible galvanic cell is measured by 
its electromotive force, and the heat change when the cell functions 
reversibly can also be determined experimentally. It is therefore 
easy in principle to test the second law of thennod 3 Tiamic 8 , n.g., 
equation I. (11), 



for a cell working at constant volume. Thus if the cell is placed in 
one calorimeter (I.) and the circuit completed through a resistance 
placed in a second calorimeter (II.), then if the resistance is suffi- 
ciently high, the quantity of heat developed in (II.) is equal to A, 
and the quantity of heat developed in (I.) is equal to — q. If the 
experiment is carried out at different temperatures, dAjdT can 
also be measured and the above equation tested. It will be seen 
that in the above experiment it is not necessary to know the nature 
of the process taking place in the cell and leading to the production 
of a current. In practice, however, it would often be difficult to 
make the cell work completely reversibly and at the same time 
produce a sufficient current for measuring the heat change. 

This difficulty is avoided if the process in the cell is known, so 
that AE for the transformation can be measured by more direct 
methods. In this case we use equation I. (12), 

or for a transformation involving z equivalent.^, 

JE + zFir= ( 19 ) 

This is Helmholtz’s equation for the electromotive force. 

The above treatment is only exact when the volume is constant. 
A result of more general application is obtained from the thermo- 
dynamic equations I. (25), where it is easily seen that the electrical 
work produced by a reversible cell can be identified with the 
quantity Jg. 

If the cell works at constant temperature and pressure, equa- 
«tion I. (31) 


dG = — SdT -f odp — Ju, 



284 


ELECTROCHEMISTRY 


gives for the electrical work, 

— = Fkz. 


On introducing 1. (34) and I. (37), this gives 



and 

JH + zFx = TzF{~y (22) 

The same result is obtained by writing = itFdz in I. (31) and 
differentiating the equation thus obtained with respect to T and p, 
using the usual rules for partial differentiation. 

Equation (21) shows that the effect of pressure on the electro- 
motive force is determined by the volume change which accompanies 
the process producing the current, while (22) relates AH, the heat 
absorption as measured calorimetrically, to the electromotive force 
and the temperature coefiBcient of the electromotive force at constant 
pressure. 

In using (22) for numerical calculations, if AH is expressed in 
calories and n- in volts, we must put F = 96,500 coulombs, and 
1 volt-coulomb = 1 joule = 0-239 cals., giving 

+ 23060 zr = 23060 

We will apply this equation to an example. Consider the cell 
represented by 


Pb 


PbCl, 


AgCl 

PbCU 


Ag. 


i.e., a lead electrode and a silver electrode immersed in a solution 
which is saturated throughout with lead chloride, and saturated 
with silver chloride round the silver electrode. At atmospheric 
pressure the electromotive force is found to be given by the empirical 
equation 

w = 0-4917 — 0-000165f 

where t is the centigrade temperature. For t = 20° we thus have 

tt = 0.4884, 



= — 0.000165. 


and 
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Putting these values in equation (22) and also z = 2,we find 
AH — 24.750 cals. 

The current producing process in this cell is 

Pb + 2AgCl PbCl^ + 2Ag 

and AH, the increase in the heat content, is thus equal to the 
difference between the heats of formation of the two chlorides The 
heat of formation of PbCl^ is 82,770 cals., while for 2^^C1 it is 
58,760 cals. The difference, 

AH - 24,010 cals. 


agrees well with the value from the electromotive force. 
Cells of the same type as the above are the Clark cell, 


Zn (amalgam) 


ZnSOt 


Hg^SO^ 


ffg 


and the Weston cell, 

Cd (amalgam) 


CdSO, 

H^O 


HgiSOt 


Hg, 


both of which are extremely constant and reproducible, and are 
therefore u.sed as standard- cells in eiectrometric measurements. 
When the solutions are saturated with the soluble hydrated sulphates 
the electromotive force in volts is given by, 


Clark cell - rr = 1'4228 — 0'0012 (t — 15°) 

Weston cell— it — I’OISI + 0’00004 (/ 15 ). 

These equations may be used to calculate the thermal data, as in 
the above ca.se. 

We can conclude in general from equation (22) that the electro- 
motive force will increase with increasing temperature if the electrical 
energy produced by the cell, 23060277, is greater than the heat 
evolved by the process, while it will decrease with increasing 
temperature if the reverse is the case. If the cell functions reversibly, 
which can be realiscl in practice by completing the circuit with a 
very high external resistance, then the heat produced in this 
resistance will correspond to the maximum electneal work of the 
process. If this amount of work is greater than the total energy 
change, then when the cell is functioning isotherraally and reversibly 
it will absorb heat from the surroundings, analogous to the heat 
absorbed in the reversible vaporisation of a Uquid^ The questioii 
of how far this heat can be said to be converted into electneal 
energy has been discussed in detail in the thermodynamic introduc- 
tion [I. 2. a.]. 



286 


ELECTROCHEMISTRY 


It was at one time assumed that the electromotive force was 
directly 4etennined by the heat evolved in the process (William 
Thomson, Lord Kelvin), in agreement with Berthelot’s views on 
affinity, according to which the heat of reaction was supposed to be 
a direct measure of the affinity. This principle is approximately 
fulfilled in many cases, and equation (22) shows that it will be exactly 
valid if the temperature coefficient of the electromotive force is 
zero. In other cases, however, it fails completely, e.g., Iot the 
concentration cells described in the next paragraph. 

(t) Concentration Celia. In certain galvanic combinations the 
process responsible for the electromotive force consists only of a 
concentration cha/nge. AO for processes of this kind can usually be 
determined by some other method, and we can then use (20) to 
predict the electromotive force of this type of cell. Usually we shall 
be dealing with a differential concentration change, i.e., the transfer 
of a substance from one definite concentration to another. For this 
type of process I. (47) gives 

JG = /i(2) — 

there /i(j) and are the chemical potentials of the substance 
transfer!^ in the initial and final states respectively. Introducing 
(20), we have 


Fitz = FW — W ’ (23) 

whence by using IV. (59), 

Fitz = RTln (24) 

“( 2 ) 

or, if the gas laws hold, 

Fttz = RTln ^ = RTln^- (25) 

Since (24) and (25) refer to one gram-molecule, z is the number 
of electrical equivalents contained in one gram-molecule. 

Putting It = 1-98, converting to decadic logarithms and express- 
ing the energy in calories [VI. 4. b.], this becomes 

4.57 riog— = 23060 zjt 

^8 

;r -- 0.0001982 * Tlog-*. 

2 Cg 


(26) 
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giving for T = 20°, 

TT = 0.0581 4 log ^ (27) 

These equations can be used to calculate w, z or - when the 

other two quantities are known. The agreement between the 
observed and calculated values then constitutes a test of the validity 
of the gas laws for the sj^tem considered. 

For concentration cells obeying (26), AG and the electrical work 
are directly proportional to the temperature, and hence from 
I. (37) AH = 0. When the cell is working reversibly at constant 
volume it will therefore absorb an amount of heat equivalent to the 
work done, just as in the expansion of an ideal gas. 

A simple example of this type of cell is provided by amalgam 
cells, in which the electromotive process is the transfer of a metal 
dissolved in mercury from one concentration to another. For 
example, if a cell is constructed with electrodes consisting of two 
zinc amalgams of concentrations Cj and Cj and zinc sulphate solution 
as electrolyte, i.e., 

Zn-Amalgatn (cj). Zn-Amalgam (cj), 

ii^U 

the electromotive process will consist in solution of zinc at the 
negative pole and deposition of zinc at the positive pole, accompanied 
by displacement of zinc sulphate from the liquid round the positive 
pole to the liquid round the negative pole. Since the concentration 
of the zinc sulphate is the same throughout the solution, this 
displacement will have no effect on the electromotive force, so that 
in calculating the latter we can assume that the transfer of metallic 
zinc from one amalgam to the other is the electromotive process. 
If we introduce the values of Cj and in equation (26), then the 
values of tt for dilute amalgams agree with experiment if the value 2 
is used for z. This shows on the one hand that the gas laws are 
valid for dilute zinc amalgams, and on the other hand that the 
molecules formed when zinc is dissolved in mercury contain one 
zinc atom. The last conclusion is generally valid for amalgams 
(and also for vapours of metals) so that equation (26) can often be 
applied to amalgam concentration cells when z is put equal to the 
valency of the metal. 

A second type of concentration cell can be set up with hydrogen, 
electrodes. If hydrogen is passed over a platinum plate electro- 
Tytically platinised, an electrode is obtained which behaves 
essentially as a hydrogen electrode. If two such electrodes in contact 



288 


ELECTROCHEMISTRY 


with hydrogen at difEerent pressures and Pj are immersed in the 
same solution (e.g., hydrochloric acid) a cell is obtained in which 
the electromotive process consists entirely in the transference of 
hydrogen from one pressure to another. Since s = 2, the electro- 
motive force is given by 

IT = 0.0000991 Tlog 

Pi 

by analogy with the above. 

Particular importance attaches to concentration cells in which 
the electromotive process is the transfer of a solute from one aqueous 
solution to another. In the cell 




HCI 

HtO 


HgCl 


Hg. 


where one electrode is a hydrogen electrode and the other a “ calomel 
electrode ” [i. o.], the electromotive process is 


iH^+HgCl — HCI 


If two such cells with different HCI concentrations are placed in 
opposition to one another, then if the hydrogen pressure is the 
same in the t^^o cells, the eiectromotirc process >*111 consist in the 
transfer of HCI from one concentration to another, since the 
simultaneous transfer of H^, HgCl and Hg can have no effect upon 
the electromotive force. 

According to equation (24) the electromotive force of the com- 
bination is given by 


F/tz — RTIn 




or, using VII. (5), VII. (8) and VII. (9), 


Fnz=R Tin , 

(a//-*- aez-As; 


or, 

FJTz = 2RTln^ + 2RTln^^- (28) 

^2 /± 12 ) ' 

In extremely dilute solutions we can put = 1, and the electro- 
motive force of the cell can be calculated from the gas laws, the 
last term in (28) disappearing. Further, as already mentioned 
[VII. 2. e.], measurements of this kind offer a possible method for 
determining the activity coefficients of ions, since equation (28) 
shows that is directly related to v. Electrometric measurements 
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can in many oases be carried out with high accuracy, and the method 
has therefore been of considerable importance in the development 
of the theory of strong electrolytes. 

In the case of concentration cells invohing concentrated solutions 
of the salt transferred, the electromotive force can always be 
calculated if the activity coefficients are known. The following 
method of calculation (due to Helmholtz) depends on this principle, 
but is formally somewhat different. 

The chemical potentials pj and uj of the salt and the solvent in a 
salt solution are related by the Gihbs-Duhem equation TV. (48), 


ardpi + (1 — 

By integrating this equation between the concentration limits 
Xj and Xj wo obtain 


Fl(Xl) f'lW! 

Introducing IV'. (60), 


f 1 - .r 
= \ -c'- 


d^s- 


clfM^^RTdinai=r RTdlniK, 

we see that the integration can be carried out if pj, the vapour 
pressure of the solvent, is knovMi as a function of x in the concentra- 
tion Interval in question. Introduction of (23) gives 

j.. „ /<7-( dlnpi, (29) 


Zn 


HgCl 


Hg 


from which tt can be calculated. , . . ■ 

As an e.vample of this calculation we mny consider combinations 

of the cell 

ZnCh 

H^O 

in which the electromotive reaction is 

Zn -f 2HgCl -> Zn^k + 2 H 51 , 

HgCl being present as a solid and ZiiCli m solution If 
i are op^sed to one another, then apart from the transfer o 

s,rssr.~.—tr..oth4 n .. h. 

* n -r finH 3 " and express paBi^^ function of x in such ft 
fr"rsq\.ation*can be inte^ated we obtain an expression 
for w which can be directly compared with expenment. 
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Similar principles can be used lor troating more complicated cells, 
e.g., the lead accumulator. When a lead accumulator is discharging, 
the process is 

Pb + PbOt + ^ 2PbS0t + 2HjO. 

When two such cells are opposed to one another, then (by analogy 
with the above treatment) the net electromotive process will be the 
transfer of from the cell with acid concentration Cj to the cell 

with acid concentration c,, and the transfer of an equivalent amount 
of water in the reverse direction. By analogy with (23), we have for 
this process, 

F71z = ^ 1 ( 1 .) — — (ftux,) — /iiUtlX 

•where (ij and (4, are the chemical potentials of sulphuric acid and 
water respectively, while Zj refers to the higher and to the lower acid 
concentration. For water the difference in chemical potential is given 
by IV. (74) as 

lU-jix.) - = f?r/n . 

^ PSixt) 

and a similar expression will hold for the sulphuric acid. The vapour 
pressure of the latter sub-stanee is however so small as to be 
immeasurable, and wo therefore use equation (29) to relate the chemical 
potential of the sulphuric acid to that of the water. We thus obtain 

Fnz = RTtn^^ + ltr[ ^^dlnpa, 

PsKn) ^ X 

•*» 

where it is ca.sily seen that both terms are i>c>sitive. Further, i = 1, 
since 1 mole of acid and of water is transported per electrochemical 
equivalent. 

The following table gives the values directly measured and those 
calculated from the above expression. 


Table V. E.M.F. of the Lead Accumulator 



» (rip ) 

JT (calc.) 

64-5 

2-36 

2-38 

52-2 

2-26 

2-26 

35-3 

210 

2-10 

21-4 

2-01 

2-00 

516 

1-89 

(1-89) 


The value 1‘89 for 6-16% H,S 04 was used as a basis for the calculated 
figures in the last column. 


(g) Eleottode Potentials. At a high temperature in a vacuum, 
metals will emit electrons and hence become positively charged, a 
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thermal electrostatic equilibrium being set up. On the other hand, 
in contact with a solvent they will exhibit a tendency (depending 
on the nature of the metal and of the solvent) to send metal ions 
into the solution, which will charge the metal negatively relative to 
the solution. As previously descrilied, an electrical double layer 
and a difference of electrical potential will be set up. This will 
oppose the tendency of the ions to dissolve, and if no other chemical 
changes take place the process will come to a standstill before 
detectable quantities of metal have gone into solution. We then 
have a state of equilibrium in which the tendency for the ions to 
dissolve is balanced by the electrical potential produced : this 
equilibrium is characterised by the identity of the electrochemical 
potentials of the ions in the two phases. 

If the solution only contains the few metal ions produced by the 
above solution process, the potential will in practice be indeter- 
minate. If on the other hand the solution already contains a given 
concentration of a salt of the metal in question, the potential will 
be in principle fixed. For example, if a rod of metallic silver is in 
contact with a 0-1 molar silver nitrate solution, a well-defined 
potential will be set up betw'een the metal and the solution. The 
equilibrium can be expressed by 

Me Me+ + © 

or, since the solid midal is made up of metal ions and electrons. 

Me* ( * Me*. 

(Metal) (HoluUoll) 

The equilibrium between the electrode and the solution is deter- 
mined by the identity of the elect rochemical potentip-L. If we 
denote the metallic phase by (I) and the electrolytic phase by (I), 
application of the general equation (9) to the present case gives 

P(i) + <l>i = P(i) + (30) 

or. 

f'd) “ h) = (31) 

where, /x^) — /i(j) is the difference between the chemical potentials of 
the metal ion in the metal phase and in solution, and ipi j is the 
electrical potential difference between the solution and the metal. 
It is not possible to calculale (Ai.n since we have already seen that 
the ionic potentials Pd) and p(i) cannot be determined by thermo- 
dynamic methods. However, as long as w e consider dilute solutions 
in a constant medium it is possible to use equation (31) for calcu- 
lating the effect of cmcerUraiion on the potential ^i., at constant 
temperature and pressure, since under these conditions the chemical 

V 2 
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potentials (as well as the activities and activity coefficients) of the 
dissolved ions obey the laws described in [VII. 2.]. 

Of the two chemical potentials is a constant as long as the 
metal is present in an unchanged condition. on the other hand, 
depmids on the concentration of ions in the solution, being given by 
IV. (69) as 

fi(i) = RTlna + k. 

The effect of concentration upon the potential of the electrode is 
readily obtained by inserting this equation in (31). This gives 

mi) — RTlna — k = ijiiiiF, 
or, 

RT 

'h\ — ~~ + <^M(o)> (32) 

where a is the ionic activity, z the charge on the ion (with the 
correct sign), and ^i.i(o) a constant which is equal to the value of 
the potential at unit ionic activity. 

Equation (32) expresses the potential difference (4i,i — ^.kq) 
between two electrodes of the same metal immersed in solutions of 
a salt of this metal with ionic activities a and I respectively. Accord- 
ing to (16), the difference 

•All — l/'i.Ko) = — ^1(0) — (^1 — ^i(o)) 

can be written 

h — h(0) — (v — Wo). 

We thus see that if the two solutions surrounding the electrodes are 
brought into contact with one another in such a way that they 
assume the same electrical potential (which can be realised approxi- 
mately— c/. [n., o.J), then the combination thus formed will have an 
electromotive force given by 

RT, 

^1 — 7fo= jplnai, (33) 

or, if the solutions constituting the combination have arbitrary 
ionic activities Oj and Oj, 

yr » RT . a, 

(34) 

The electromotive potentials occurring in these equations are 
often termed “ electrode potentials,” the potential of the solution 
being taken as zero. The equations express the effect of the ionic 
activity upon these potentials, and can therefore be used to deter- 
mine ionic activities from electrometric measurements. In this way 
it is possible to investigate the solubilities of sparingly soluble salts 



IX. 2. EUlCTROMOTIVE FORCE 293 

and equilibria involving complex ions containing the electrode 
metal. 

If the solution is very dilute, a can be replaced by the ionic 
molarity m, and we obtain the approximate equation 

R'P 

v — Va = 

If V is measurea in volts and decadic logarithms arc used, the 

R , , 

factor p can be replaced by 0-0001 982. At 70“ the equation becomes 

0.0581 , 

K ~-7ro= — - — log m. (3®) 

(h) Standard Electrode Potentials. The Electrochemical Series. 

The above considerations deal with the effect or the ionic activity, 
and will of course give no information about the effect of the nature 
of the metal or the value of the electromotive or electrical potential. 
This question can only be decided by experiments in which electrodes 
of different metals are combined to give a galvanic cell. We shall 
now see what information can be derived from the electromotive 
force of such combinations. 

We will consider solutions of two salts in the same solvent, each 



containing an electrode of the appropriate metal, the solutions 
being in contact as shown in Fig. 1. We will denote the metals by 
1 and 2, and the corresponding solutions by I and II. The difference 
between the electrical potentials of the metal electrodes, 
will obviously be given by the sum of the three contact potentials 
occurring in the cell, 

l/'i — Ip3 = (37) 


since 

ipi.l = jf;, — jp, 

if>tu = ^ —tpii 

tl>u-a=fu — tps 
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By introducing fl4), (37) can be re-written as 

w, — TTj = 01,1 4- 01.11 4- 0II.2 + 02,1 (38) 

where Wj — w* is the electromotive force of the cell. Under certain 
conditions (which we shall suppose satisfied) 0i.ii can be taken as 
zero, just as in the case of two solutions of the same salt. If we also 
introduce (17), (38) becomes 

„i _ = (0,1 -f 01*) — (00,11 + h*)- (39) 

This equation gives an experimental means of relating tw'o func- 
tions, each of which refers to one of the metals concerned. The 
potentials 0,,! and 0j.ii will of course depend upon the ionic con- 
centrations in I and II according to equation (32), but this effect 
can be eliminated by making the ionic activity the same in each 
case, e.g., by making a, = = 1. In this case 0,.i and 02.ii will 

depend only on the metals and the solvent, and — 0,1 and — ip^.n 
can be considered as a measure of the tendency of the metals to 
pass into the ionic state in the solvent in question. As shown in 
equation (17), — 0,* and — 0j* represent the tendency of the 
metals to emit electrons to a second constant ])hase. The sums 

— (l/'M + ipi*) 

and 

~(>hu+ 

thus represent the tendencies for the reactions 
Afe, — >- Afci'* *+’ -+- r, © | 

and \ (40) 

A/ej — > Afcj^'* '■> + ‘2 0 j 

The right-hand side of (.39) consists of the difference of these two 
sums : this is in agreement with the reaction taking place in the 
cell, which may be considered as the difference between the two 
electrode functions given in (40). 

The left-hand side of (39) consists of the difference between the 
electromotive potentials w, and jtj. According to (18) and (31) the 
complete expressions for these potentials are 

w, — 01 =0,1 + 01*1 j. 

■’’■j — = 02.11 + 02* ) 

The differences 

V = ’^1 — 01 

^2' = ’>■2 — 0n 

when referred to unit ionic concentrations are commonly described 
as the standard electrode potentials of the metals in question. Since 
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it is impossible to measure the absolute value of a single potential 
difference, we are always concerned with the differences — rrj or 
’’^1 — TTt'. In all combinations measured in practice where the 
solutions involved are brought to the same potential [n., o.], n and w' 
can be used interchangeably in the equations for the potential. 

If the standard potential of a given electrode is STbitrarily 
taken as zero, then by using this electrode in combination with 
others the standard electrode potentials of other metals may be 
obtained by using (39). If the metals are arranged in order of their 
standard electrode potentials the so-called electrochemical series is 
obtained. The standard potentials given in Table 6 are based on 
the assumption that the standard electrode potential of hydrogen 
is zero. 


Table VI. The Electrochemical Series 


Metal 

Ion 

VoltJi 

Na 

Na* 

2-7 

Mg 

Mg** 

235 

Zn 

Zn*^ 

0-76 

Ee 

Pe** 

043 

Pb 

Pb** 

0-12 

H 

H* 

0 

C'u 

Cu** 

-034 

^9 

Ag* 

- 0'80 

Hg 

Hgi'* 

- 0-80 

Au 

Au* 

- 1-4 


The sign of the potentials given in this table is arbitrary, and 
can be chosen by convention. Remembering that — -)- i/i,*) is 
a measure of the tendency of the metal to undergo reaction according 
to equation (40), it will be seen that if the solution receiving the 
metal ions is uncharged, then — wi will express the tendency of the 
metal to ionise according to (40). This tendency is great for the 
strongly “ electro-positive ” metals, and small for the less electro- 
positive ones. For this reason the electrode potentials iii common 
use are obtained from the electromotive potentials occurring in the 
equations by a change of sign, so that the figures in the table 
represent - n. In other words, strongly electropositive metals are 
arbitrarily assigned a higher standard potential than weakly electro- 
positive ones. It should, however, be noted that other writers on 
electrochemistry quite often use the opposite convention as to signs. 

The standard electrode potentials are generally regarded as a 
measure of the tendency of the metal atoms to go into solution as 
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pOBitive]^' t^ai^ed ions. It will however be clear from the above 
treatmeat it is not possible to compare ionisation tendencies in 
this way. The quantity which can be determined relatively is the 
diasodeUion tendency of the metal as exempHfied by (40), where the 
metal ion goes over into a solvent (the chemical nature of which 
can vary and will affect the potential observed), while the electron 
is transfeired to a fixed medium, which may be a vacuum. It is 
thus seen that it is a stoichiometric process taking place at the 
interface which determines and defines a single electromotive 
potential just as in the case when several such potentials are 
combined to form a galvanic cell. 

The complete expression for the electrode potential {i.e., the 
electromotive potential) of a metal-solution system is obtained by 
combining (32) with (41). The resulting expression can be written 
RT 

Wj — l/ll == lltOy + TTlio) — 1^1(0), 

or, if we can assume that ifii = 0j(o), 

RT 

1C = Ina + TTo (42) 

This is identical in form with (33), but it will be seen that — vq is 
now a constant characteristic of the metal and eqitaf fo the standard 
electrode potential of the metal. 

If the necessary conditions are satisfied, tlie ionic activity in (42) 
can be replaced by the ionic concentration. If this is not perniissible, 
then the activity coefficients must be taken into account. 

It will be seen from the above calculations that a tenfold change 
in the ionic activity at 20° causes a potential change of 0-05(Jl volts 
if the metal is univalent, and a change of half this magnitude if the 
metal is divalent. 

A derivation of equation (42) for the electrode potential can also be 
obtained on the basis of a kinetic picture, the equilibrium between the 
metal electrode and the solution being considered as a mobile equilibrium 
in which the number of metal ions leaving the surface of the metal per 
unit time is the same as the number of ions oondensing upon it (c/. the 
corresponding treatment of vaporisation equilibrium). The application 
of the Boltzmann distribution law to this phenomenon leads to equa- 
tion (42). Since ions in solution are usually hydrated, it is important 
to note that this kinetic calculation can also be carried out on the 
assumption of hydrated metal ions, in which case the condensation of 
ions on the metal surface must be accompanied by the liberation of 
the bound solvent molecules. Bquation (42) therefore does not require 
that the dissolved metal ions should actually be present in the free 
state. 


(i) Electrodes ol the Second Kind. This term is used to describe 
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a combination of a metal electrode with a solution which is in 
equilibrium with u sparingly soluble salt of the metal and which 
also contains an excess of the anion of this salt. An example is 
provided by an electrode of metallic mercury iji contact with a 
potassium chloride solution containing mercurous chloride as a solid 
phase. This combination is commonly termed a “ calomel elec- 
trode.” The simple metallic electrodes described in the last section 
are correspondingly termed electrodes of the first kind. 

In an electrode of the first kind the passage of current from metal 
to solution causes the solution to receive metal ions from the 
electrode (e.g., Hg Hg^). In an electrode of the second kind, on 
the other hand, the passage of current in the same direction causes 
the anion of the sparingly soluble salt to be removed from the 
solution by deposition of this salt, the process being, e.g., 

Hg + Cl- HgCl (solid) -f ©. 

The potential of electrode, s of the second kind must therefore depend 
on the anion concentration in the same way as the potential of 
electrodes of the first kind depends on the concentration of metal 
ion. 

The expression for the potential can be easily derived in the 
following way. Equation (42) can of course be applied to both kinds 
of (dcctrodes, and in the present ease it becomes 

RT 

-pr lf^OHa+ + ^0 (-f) 

Further, if the liquid is saturated with HgCl we have 

ag^+ act = constant. 

Introducing this in (43), we obtain 

tt = — -p- fnoci — H 

where j is the electromotive potential of the electrode for Opj- = 1 . 
It t = 20° and Uqi- can be replaced by Wpj-, this becomes 

TT = — 0.0581 log mci- + Tfo)-)- (^5) 

It will easily be seen that in the general case when the valency of 
the ion is z (taken with the correct sign) the equation for the potential 
becomes 

RT 

-^loga-f 7rot_), 


K = 


(46) 
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in oomplete analogy with equation (39) for electrodes of the first 
kind. 

(j) Ozidatioii-rsdnction Electrodes. In the cases treated above 
the tendency of the metals to dissolve as positive ions and the 
consequent equilibrium between the metal and its dissociation 
products 


Me Me+ + © 

gives rise to an electric potential. Similarly, electric potentials 
may be produced in other equihbria involving electrons when the 
substances taking part are of a different charge type. For example, 
in a solution containing ferrous and ferric ions the equilibrium 

Fe++ Fe+++ + 0, 

will be set up, and in the presence of an “ inert ” metal electrode 
will give rise to a well-defined potential, since the metallic conductor 
may be regarded as a good solvent for electrons and will take them 
up. We may assume that the ferrous ion gives up an electron to 
the inert metallic electrode, being itself oxidised to a ferric ion, or 
that the reverse process takes place. In either case the electrode 
will be charged until the equilibrium potential is reached. 

Electrodes of this type involving dissolved or non-metallio 
components are termed oxidation-reduction or “ redox ” electrodes. 
This terminology is related to the general oxidation-reduction 
scheme, which may be written 

Red Ox 0. 

It is, however, clear that all primary electrode reactions (including 
the case of simple metallic electrodes dealt with above) can be 
represented by a scheme similar to the above, and might therefore 
be described by the same term. 

The equation for the potential of an oxidation-reduction electrode 
can be derived by a method analogous to that used for a simple 
metal electrode. We can apply the general equilibrium condition 
VI. (8) to electrolytic systems by introducing the electrochemical 
potential in place of the chemical potential, giving 

Sfii = 0, (47) 


where the terms referring to reactants and resultants must of course 
have opposite signs in the summation. 
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Let the inert metallic electrode be phase (1) and the solution 
phase (I) while the chemical potentials are po* and p0. The 
electrochemical potentials which determine the equilibrium are then 
respectively 

fRtdm = + ZRtdPlpl 

^Oxll) = f^Ox(l> + 

^(1) = — fil'l ■ 

Inserting these, relations in the equilibrium condition 

— MOx(l) + PeiD = ^ (48) 

we obtain 

- (PBrid) + 2RtdF^ + (^^Oxd) + + (/^ew) ~ 

or, since zqx — Zflid = 1 and H-QW = ~ 


H'Oxil) — failed TO + — Fipi — Ftpi* = 0. (49) 

The contact potential ’f'li = 'I’l — ‘l>i is thus given by 

F(pi.i = Fom) — f^/Jedd) — Fip 


or, introducing IV. (69), 

The potential thus depends on the ratio of the concentrations of 
the oxidising and reducing agents, the nature of the redox system 
(expressed by I) and the inert metal electrode (expressed by ipj*). 
Introducing (18), we find for the electrode potential 


,1 li'T . 0(ix 

7t,-ipi = -p In ^ 

F Qjted 


(51) 


which no longer involves This shows that the nature of the 

“ inert ” electrode has no effect on the redox potential, as may also 
be shown by energy considerations. 

If the redox electrode is combined with a standard electrode for 
w'hich the electromotive potential is arbitrarily taken as zero, then 
if there is no contact potential between liquids the measured 
potential difference tt-j — wj can be termed the electromotive 
oxidation potential and can be written in the form 

RT . oqx . 

7r = ^!n h 3o, 

F ORcd 


( 62 ) 
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wheie TTgis the standard oxidation potential cotresponaing to Oot—aiM- 
It is easily seen that in the general ease when the dilferonce in charge 
between the oxidising agent and the reducing agent is z positive 
chaiges, the equation becomes 


I OQx , 

TC — ~ln 1- Za 

ORtd 


(63) 


analogous to equation (42) for the potential of a simple metal 
electrode. 

The negative value of the oxidation potential is termed the 
reduction potential. Table VII gives the standard reduction potentials 
for a number of redox systems, the standard potential of hydrogen 
being taken as zero just as in Table VI. In agreement with the 
definition of the standard potential, the figures in general refer to 
equal concentrations of oxidising and reducing agent. In some 
cases, however, this convention is either inconvenient or impossible. 
Thus in Table VII, Ag and / refer to these elements in the solid state, 
Br to liquid bromine and and CZj to gases at a pressure of one 
atmosphere. Hy and Qu refer to hydroquinone and quinone 
respectively, and H* represents a molar solution of hydrogen ions. 


Table VII. Reduction Potentials 


Rea 

Ox 

Volts 

Ag + ZCN- 

Ag(CN)^- 

051 

Gr+* 

Or+++ 

0-41 


2 H + 

0 

(7«+ 

t7«++ 

-018 

Fe{CN),-- 

Fe(CN), 

- 0-44 

21- 

I. 

- 0-68 

Hy 

Qu + 2 H + 

- 0-70 

Fe->-+ 

1^6++ + 

- 0-76 

2Br- 

Br^ 

-108 

Au+ 


- 1-2 

TI+ 

Tl*+y 

- 1-24 

2Cl- 

<71, 

- 1-36 

Oer-*-+ 

(7g++++ 

- 1-6 

2F- 

Fx 

- 2-8 


Just as in the cose of the potential of a simple metallic electrode, 
it is clear that if the solutions are sufficiently dilute we can introduce 
concentrations in place of activities, while if this is not permissible 
the activity coefficients of the substances concerned must be 
introduced when calculating the potentials. 
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The Boheme 


Red ^ Ox + 0 

shows a complete analogy with the acid-base scheme 


(64) 


Acid Base + © 

[VII. 3- h.], and it is possible to tieal the two systems by exactly 
analogous methods. In practice, however, it is usual to employ electric 
potentials for characterising redox systems and equilibrium constants 
for characterising acid-base systems. This is chiefly due to the circum- 
stance that water, the commonest solvent, possesses acidic and basic 
character and hence undeigoes protolytic reactions with acids and 
bases, while it is not able to act as an oxidising or reducing agent to 
any measurable extent by losing or gaming electrons. In other words, 
water behaves towards redox systems in the same way as hexame (or 
other aprotic solvents) towards acid-base systems. Very powerful 
oxidising or reducing agents (e.g., fluorine or sodium) may be able to 
cause the water molecule to gain or lose an electron, but in this case 
further reactions take place with the evolution of oxygen and hydrogen 
respectively. 


On uniting two corresponding redox systems an equilibrium is 
set up analogous to a double acid-base equilibrium, 


Redi + Oxj Red, -f Ox,, (65) 

and it is possible to study such equilibria colorimetrically if one of the 
systems is a redox indicator (e.g., methylene blue) corresponding to 
an acid-base indicator. 

A table of reduction potentials also provides the necessary in- 
formation for predicting the direction of such double reactions. 
For example, we from the above numerical values that the ferro- 
cyanide ion is a stronger reducing agent than the chloride ion, or, 
in other words, that chlorine is a stronger oxidising agent than the 
ferricyanide ion. Since the difference between the two potentials 
is about 0-9 volts, the process 

Fe(CNU-= + iCk ^ Fe(CW), — + Cl- 

will go almost completely from left to right. On the othyr hand, 
the reaction 


A()+ -j- h e ^ — »- Ag Fe+’* + 

will lead to a state of measurable equilibrium, since Tables VI and 
VII show that the standard potentials have approximately the same 
* value. The position of equilibrium can be calculated quantitatively 
from equation (52), since the values of ir given by the two systems 
present in the mixture must of course be the same. 



302 


ELECTROCHEMISTEY 


The electron transfer which is characteristic of redox equilibria 
can in some cases take place between identical atoms or molecules. 
This will lead to the production of ions and consequently electro- 
lytic conductivity, just as in the csise of autoprotolysis [VII. 3. b.]. 
For example, the electrical conductivity of iodine in inert solvents is 
attributed to the process 

(k) Gas Electrodes. It has already been mentioned that a 
platinum electrode in contact with an atmosphere of hydrogen will 
function as a hydrogen electrode. For the electrode to act in a 
completely reversible manner it is necessary to “ platinise ” the 
platinum, t.e., to coat it with a layer of platinum black. Platinum 
and other noble metals will also function as reversible electrodes 
when brought into contact with other gases. Electrodes of this 
kind are termed gas electrodta, and do not differ in essence from the 
redox electrodes described above, so that the same equations are 
applicable. 

For a hydrogen electrode (53) gives the expression 

BT . aw^^ , 

= 

and for an oxygen electrode 

expressing the fact that for a hydrogen atom and aox for an 
oxygen atom are proportional to the square root of the partial 
pressures. If the two electrodes are combined to give a cell, the 
electrode solutions being identical, the electromotive force of the 
cell is given by 

RT , ph'^'Po’^* 

^ = * ' [- Tt^o) — 7r,(o). (56) 

^ “h+“o 

According to the law of mass action the denominator of the 
logarithm has a constant value in any dilute aqueous solution, so 
that the electromotive force of the cell is independent of the nature 
of the solution. For example, the same value of tt is obtained in 
both acid and alkaline solutions. This agrees with the fact that the 
electromotive process is the formation of water from hydrogen and 
oxygen, the passage of F units of electricity being associated with 
the process 
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As would be expected from this reaction scheme and from equa- 
tion (56), the electromotive force depends upon the pressures of the 
gases. 

The oxygen electrode does not function very satisfactorily, but it 
has been found by indirect means that the electromotive force of 
the cell at 20° is n- = 1'23 volts. This figure represents the aflBnity 
of formation of water [X. 1. a.J. Expressed in calories per gram- 
molecule of water, the value is 

A = 2 X 1-23 X 23,060 = 56,700 calories, 
agreeing well with the value calculated thermodynamically by 
VI. (4) and VI. (37) from the dissociation of water vapour at high 
temperatures. 

The hydrogen electrode reaction constitutes a .special case, since it 
may be regarded either as a redox reaction according to the scheme 

iHa >■ ® -f- ©,• 

(Bed) (Ox) 

or as an acid-base reaction proceeding according to the identical 
scheme 

i Hi © + ©. 

(Add) (Ba«e) 

This throw.s special light on the analogy between these two fundamental 
types of reaction. We may regard the proton a« the simplest oxidising 
agent and the electron as the simplest base, while the liydrogen atom 
functions both as the .simple.st reducing agent and as the simplest acid. 

(1) Liquid-liquid Junction Potentials. If a system consisting of 
two incompletely miscible liquids and a dissolved salt is at equili- 
brium, a potential will be set up at the interface between the two 
liquid layers. Just as in the case of a metal electrode, this potential 
will depend upon the ionic activities in the two phases. The relation 
can be derived from the fact that every ion taking part must have 
an identical electrochemical potential in the two phases. 

We therefore write for the cation C and the anion A 

f^c(l) + = f*C(2) + 2cFip2, 

|“A(1) + = HA(2) + ^aFi{>2, 

.Introducing IV. (58) and writing = </>, this gives 

-RTlii ^ = ZcFip 

flc(2) 

-BTln = zaFiP 
Oa(Z) 


(67) 



304 .ELECTROCHEMISTRY 

where a is the absolute activity. It is of course impossible to 
determiiie ^ thennodynamicaUy, just as for other phase equilibria. 
Ear a salt of the type of NaGl, 2c = 1, = — L giving as the 


equilibrium condition 


«c(l) _ OaP) 
flfiS) OaW 

(68) 

or, introducing VII. (6), VII. (8) and VII. (9), 


'"SalKD /+(2) 
niSaU® /±(1) 

(59) 

where / is the absolute activity coefficient. (59) shows that the 
distribution of the salt is determined by the mean activity co- 
efficients. 

For a salt of the type of BaCl^, z^. = 2 and z^ — — 1. In this 
case we obtain the equilibrium condition 

ae(2) IflAd)/ 

(60) 


also equivalent to (59), which is in fact a geneial equation indepen- 
dent of the type of salt. (.58) and (60) can also be written 


Qsallfl) = aSaU(2)) 

thus reducing to the well-known equilibrium condition that the 
absolute activity of the salt must be the same in the two phases. 

(m) Membrane Potentials and Electrolytic Membrane Eauilibria 
(Donnan). If two solutions of the same salt in the same solvent but 
of different concentrations are separated by a membrane permeable 
to one of the ions but not to the other, then a potential difference 
will be set up l)etween the two cells, since the ion to which the 
membrane is permeable will tend to pass from the more concen- 
tmted to the less concentrated solution, thus charging the latter 
with the appropriate sign. However, provided no other salts are 
present no detectable changes in concentration will be produced 
for reasons already described. 

If the membrane cell contains an arbitrary number of salts .having 
some ions which will pass through the membrane and some which 
will not, then we shall in general expect a membrane potential -to 
be set up. The condition for electrochemical equilibrium is the 
identity of the electrochemical potentials. Hence when equilibrium 
is set up the following equation must be satisfied for each ion to 
which the membrane is permeable, 
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+ tp^ZiF, 


where the index 1 in Zj and refers to the particular ion considered, 
and (1) and (2), and refer to the two solutions, tutting 
<{ii = we obtain as the general expression for the membrane 
potential 


^ ^ (FUi) — f'i(i)) , (01) 

or, if the pressure is the same on the two sides of the membrane, 


^tF Ol(t) 2,F 02(1) 


BT 


(62) 


These equations are entirely analogous to those derived above for 
the hquid-liquid equilibrium. However, in the latter case it was 
impossible to compare the activity coefficients of ions in different 
media by thermodynamic methods. This is no longer the case for 
membrane equilibria, since the medium is the same on the two sides 
of the membrane. If the solutions are sufficiently dilute we may put 
/ = 1 throughout, while for somewhat more concentrated aqueous 
solutions we can use the known expressions VII. (16) and VII. (18) 
for the activity coefficients. In both cases it will be possible to 
calculate the membrane potential and the distribution of the ions. 
For the same reason the membrane potential is measurable as the 
difference between the electromotive potentials of two standard 
electrodes {e.g., calomel electrodes) in contact with the solutions 
on the two sides of the membrane, the junction potential being 
eliminated. The electromotive force of this combination may be 
directly equated to 

The relation between the ionic activities expressed by equa- 
tion (02) can also be derived easily from the fact that the activities 
of the salts in equilibrium must be the same in the two solutions. If 
one molecule of salt contains vj ions of species 1 and ions of 
species 2, this condition gives 


f’l Vj T| V} 


'1(2) "2(2)’ 


(63) 


where 



(64) 


Ek^uation (62) is only valid if the pressure is the same on the 
two sides of the membrane. This condition can always be fulfilled 
if non-permeating substances are present on both sides of the 

PiC* X 



306 


ELECTROCHEMISTRY 


membrane, e.g., if the solvent is non-permeating. In this case it is 
possible to calculate the equilibrium state, given the amounts of 
non-permeating substances on each side of the membrane, and the 
total amounts of permeating substances. This calculation is of 
course simplest if all the activity coefficients can be taken as unity, 
in which case (62) can be written 


whence 


... 

^ 2iF mi(i) Z»F mjd) 

( . 


(65) 


( 66 ) 


For example, let us consider the case in which solution (1) contains 
the non-permeating anion ^4,, while the anion and the cation 
both permeating, are also present. Let the volume of both solutions 
be 1 litre, the total amounts of [K^A^] = [K^Ag] ~ 0-1, while 
Zg^ = — 2a, — — 2a, = L Equations (65) and (66) then give for 
the equihbrium state, wik,) = 0-1333, = 0-0667, m,(i)=0-0333, 

= 0-0667, where the indices refer to the corresponding ions : 
further at / = 20°, i/i = 0-0175 volts. 

If the concentration of the non-permeating salt is large compared 
with the concentrations of the other solutes, equation (66) shows 
that the permeating salts will be almost completely displaced from 
the solution containing the non-permeating ion. 

The assumption that certain solutes can pass through the 
membrane while the solvent cannot is not generally satisfied. We 
will now consider the usual case in which the membrane is permeable 
to solvent. If the non-permeating substances are only present on 
one side of the membrane, then (by analogy with the simpler case 
treated in [Y. 4. a.]) equilibrium cannot be attained when the two 
solutions are subjected to the same pressure. In this type of system 
consisting of two solutions separated by a semi-permeable 
membrane we will for convenience describe the solution containing 
the non-permeating substance or substances as the “ inner liquid,” 
and the solution containing only permeating substances as the 
“ outer liquid.” We can then say that a given inner liquid (i.e., a 
solution in which the temperature, pressure, electrical potential and 
concentrations of both permeating and non-permeating molecules 
(including ions) are completely defined) will correspond to a com- 
pletely defined outer liquid, i.e., a solution which is in equilibrium 
with the inner liquid and which has completely defined values for 
the temperature, pressure, electrical potential and concentrations 
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of the permeating substances. If the inner liquid is referred to as 
(1) and the outer liquid as (2), we will define the membrane potential 
^ as 

(/. = jij — tj,^, (67) 

while in agreement with the earlier treatment [V. 4.] the osmotic 
pressure is 

P = Pi- Pi- ( 68 ) 

The existence of this interdependence between the properties of 
the inner liquid and the outer liquid can be shown in the foUowing 
way. If the given solution contains n permeating electrically 
neutral substances or electrically neutral combinations of ions, the 
equilibrium conditions required the identity of the same number 
of chemical potentials in the inner and outer liquids. In the outer 
liquid, however, there are only n — 1 independently variable 
concentrations for fixing the n chemical potentials thus defined, 
and it is therefore only possible to adjust all the chemical potentials 
to the required values if the pressure is introduced as the wth 
variable. The compositions and pressures of the solutions being 
thus fixed, the electrical potential is also completely determined. 

The problem in hand is to determine the composition, pressure and 
electrical potential of tho outer liquid corresponding to an inner liquid 
of given composition, pressure and electrical potential. The osmotic 
apparatus which serves to measure p is shown in Fig. 2. Let us assume 
that the inner liquid is a solution containing the medium Kg, the cation 
iCj and the anion *4 j, all throe of which will pass through the membrane. 



and in addition the amon A j, which will not pass through the membrane. 
Let the chemical potentials at zero pressure be poCi)" (^«( i)> “^d 

and the molecular volumes be Fo(,), F,(j) and Fsfi), while p, and 

are the pressure and electric potential respectively. Analogous 
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teram wUih sidiaaript (2) will be lued for the outer liquid in equUibriim 
with the iiqier liquid ( 1 ). The effect of pressure on the chemical potential 
is obtained by integrating rv. (62), aasoming the volume to be constant, 
giving 

f^0)+ ^0(l)Pl = ;^(21+ ''o(2)P2 1 

Pl(l) + '^KOPl + *1^1 = f^l(2) + ''l(2)P2 + P‘f'2 I (69) 

+ '^aa)Pl^' *2^*/'t = /^(2) + ^2(2)P2 + *2^*/^2 f 

Introducing the activity by IV. (69) and the osmotic pressure and 
membrane potential by (67) and (68), we have 

RT/n^-l- VoP = 0 
«0(2) 

RTln + ViP + z^FilJ = 0 (70) 

“t(2) 

J?rin ^ -f V,p + z»Flp 0 

«2(l) * ^ 

Since a,ij|, asim and Oim are the activities of the components of a 
given salt solution, they are not mutually independent, but are all 
determined by the composition of the salt solution. The three equations 
(70) therefore only contain three variables : P, 0 and the composition, 
so that the state of the system can be calculated completely from these 
equations. For the sake of simplicity we will assume that the solutions 
are ideal and that Sj = — 2, = — z, = 1. If x is the mole fraction, 
we then have 

"KD = *1(1) 

“ 2 ( 1 ) = * 2 ( 1 ) 

“ 3 ( 1 ) *3(1) 

®0(1) * ~(*1(I) + *2(1) + *3(1)5 

“ 1 ( 2 ) = *( 2 ) 

‘*2(2) ~ *(2) 

“ 0 ( 2 ) = 1 — 2*(g) 

In addition the condition for electrical neutrality gives a;i(i) = *,(1) + 
Introducing these relations and assuming that all the x’s are small 
eompaied with unity, we find 

2iir[xa)-*,(„]+v,p = o (71) 

firbi^+ V,P + Pjhz::0 (72) 

*(I) ^ 

RJ7n ^ + V,P - Fd/ = 0. 

*(i) * ^ 


( 73 ) 



309 


rx. 2. ELECTBOMOTIVE FORCE 

These three equations are Bufficient to determine the thre^ iinlcno'vmsv 
af(a), P and There is no simple e3q>lioit solution, but the equations 
can be solved numerically for any given case, 

Equation (71) gives for the osmotic pressure, 

^ ~ Tj" ~ *(i)^ = -yr + *2(1) + *2(1) — 2 x,g)) ( 74 ) 

Zx 

or, since ^ = m =s the total volume molarity of the ions, 

' ft 

P = . (75) 

This equation expresses the general law that the osmotic pressure set 
up when two solutions are in direct osmotic contact is equal to the 
difference between the osmotic pressures of the solution measured 
against pure solvent. 

Elimination of ip between (72) and (73) gives 

RTln + (V, + Kj) P := 0. (76) 

*(2) 

•SO that if P is sufficiently small, 

* 1 ( 1 )* 2 ( 1 )=*(* 2 ) ( 77 ) 

agreeing with (66). This equation is thus equally valid whether the 
failure of the solvent to pass through the membrane is due to the 
jimpermeability of the latter or to the absence of any tendency for the 
•solvent to di^se. Under these conditions the membrane potential 
will also be given by the same equation (62). 


If the concentration of the non-permeating ion is large 

compared with the concentration of the permeating amon, i.e., 

*3(1) ^ *3(11’ 


equation (74) reduces to 

SWT 

^=-f^*3(i) = 2R7’m. (78) 

'0 

where m is the molarity of the non -permeating ion. We therefore 
obtain in this case the normal osmotic pressure of the binary 
electrolyte. If on the other hand 

*2(1) ^ *3(l)f 


(77) gives 


„ _ *8(1 > 
*(2) *2(1) — 
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and hence from (74) 

( 79 ) 

• 0 

since The observed osmotic pressure can 

therefore be considered to arise entirely from the concentration of 
the non-permeating ion, since Pis only half as great as in the previous 
case. This result is vahd in general independent of the valency t 3 ?pe ; 
i.e., if the solvent is a salt solution having permeating ions at a 
conoentration great compared with that of the non-permeating 
ion, then the osmotic pressure is given by equation (79). The proof 
of this statement will of course depend on the assumption made 
above that the activities in equation (70) can be replaced by concen- 
trations : this assumption is, however, particularly allowable 
when a strong salt solution is used as solvent [VIII. 3. h.] as in 
the present case. A more general treatment of osmotic pressure in 
mixed solvents is given in [XI. 2. h.]. 

If and * 3 ( 1 ) are of the same order of magnitude the osmotic 
pressure will be intermediate between the values obtained in the 
two limiting cases mentioned above. 

If water or some other protolytically active solvent is used, the 
non-uniform distribution of ions in membrane cells of the types 
described above will usually lead to a difference in the acidity of 
the two solutions when equilibrium has been attained. For example, 
if compartment ( 1 ) contains an aqueous solution of a protolytically 
inactive salt with a non-permeating anion, while the second com- 
partment ( 2 ) initially contains pure water, then when the permeating 
cation passes through the membrane it will carry hydroxyl ions with 
it so that the solution in ( 1 ) becomes acid relative to the solution 
in (2). The reverse will of course be the case if the cation is the non- 
permeating ion. 

As examples of semi-permeable membranes we may mention 
parchment and nitro- or acetyl-cellulose. These membranes allow 
the passage of water and of ions or molecules of a moderate size, 
while large (colloidal) ions or molecules cannot pass through. For 
example, with the sodium salt of the dye-stuff Congo red the cation 
will pass through, but not the anion. 

(n) Difhuion Potentials. In the treatment of single potentials 
so far given we have dealt entirely with equilibrium states. If two 
solutions of the same salt in the same solvent but of different concen- 
trations are in direct contact we have a non-equilibrium system in 
which a potential may be set up by the tendency of the ions to 
become uniformly distributed throughout the whole system (Nemst). 
This potential is termed a diffusion 'potential. 
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The difhision of the ions will take place m the direction of decreas- 
ing concentration. Since the mobility is different for different ions, 
this diffusion will lead to a partial separation, the faster ion gaining 
on the slower as they pass into the more dilute solution. This 
solution will therefore be charged with the same sign as the faster 
ion, while the more concentrated solution will be charged with the 
same sign as the slower ion. For example, if the mobility of the 
cation, u, is greater than that of the anion, v, then there will be a 
diffusion potential in which the dilute solution is positive to the 
more concentrated one. 

The separation of the ions brought about by this effect is however 
much too small to be detected analytically, since Ijust as in the 
ordinary electrode equilibrium) even a very small displacement of 
the ionic concentrations will set up very large electrostatic forces 
opposing this displacement. The potential set up will retard the 
faster ion and accelerate the slower one. Since the net result is 
that the salt diffuses as a whole, the product of the mobihty and 
the force acting on the ion in the diffusing system must be the same 
for each ion, he.. 


AkU = KaV, (80) 

where K is the force. 

This consideration can easily be used to obtain an expression for 
the potential difference. It must first be noted that the boundary 
between the two solutions is not sharp, but that there is a boundary 
layer of finite thickness in which the concentration changes con- 
tinuously from Cl to Cj, while the potential changes from to 
and the distance from a given plane parallel to the layer from to Ij. 
It has been previously shown [III. 2. c.] that in a gas of varying 
concentration the force acting on a molecule on account of the 
concentration difference is given by 


A'l 



( 81 ) 


where is the force in the direction of increasing 1. The derivation 
of this equation shows that it can also be applied to a solution for 
which the gas laws are vahd. In addition to this an ion will be 
subjected to a force on account of the electrical potential difference, 
given by 





> 


( 82 ) 
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where c is tiie ohaige on a univalent positive ion. For one gram- 
nu^eople of ions at a molarity m the total force is thus 


V p 'p dip 

Introducing this expression into equation (80), if Zi and are the 
valenoies of the cation and the anion respectively, we have 


or, 


uiRTdlnm + ZiFdip) — u{RTdlnm + ^iPdtp), 
RT n — V 




F uzi — i>Zi 
If the salt is uni-univalent, this becomes 
RT u — v 


dlnm, 




F II + o 


dlnm. 


(83) 


(84) 


The less-concentrated solution will thus be charged positively 
relatively to the more concentrated one if the mobility of the cation 
■u is greater than the mobility of the anion v. 

By integrating (84) we find for the potential in the direction 


Jp = ipii.i. 


RT u — V , mi 

; — In — ■ 

F u -j- V mi 


(85) 


For a given electrolyte the diffusion potential is thus determined 
by the ratio of the concentrations of the two solutions. The effect 

U V 

of the electrolyte is expressed by the fraction ~ It will be seen 

that this fraction (and hence the potential) becomes zero if the 
two ions have the same mobilities : this is very nearly true in some 
cases, e.ff., for the ions of potassium chloride. The maximum value 
of the fraction is unity, corresponding to the case in which the 
mobility of one ion is infinite compared with that of the other. 
The hydrogen ion is by far the fastest ion in aqueous solutions, and 
the diffusion potential may therefore be expected to be particularly 
large when acid solutions are used. 

If a membrane is used to separate the two solutions of different 
concentrations the value of 0 in (85) will be altered on account of 
the changed mobility of the ions in the membrane. In the limiting 
<»ses M = 0 or v = 0 (85) reduces to expression (66) for the 
membrane potential. 

If the gas laws are not applicable, the treatment given above wiU 
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lead to equations analogous to (84) and (85), but containing the 
activities of the ions in place of their concentrations. 

Diffusion potentials can be measured in the same way as mem- 
brane potentials, t.e., by bringing the two solutions between which 
the potential is set up into contact with the liquid phase surrounding 
two metallic electrodes, the contact potential being eliminated. The 
diffusion potential is then equal to the difference between the 
electromotive potentials of the metal electrodes. The problem 
really consists of bringing two electrolyte solutions into contact in 
such a way that there is no potential difference between them. 
The same problem arises in the methods described above for 
measuring membrane potentials, redox potentials tod comparing 
metal electrodes. 

The diffusion potential depends on the difference in the mobilities 
of the two ions, and will disappear if u and v are equal. The insertion 
of a concentrated salt solution with ions of equal mobilities between 
two solutions may therefore be expected to eliminate the diffusion 
potential to a great extent. In practice a saturated solution of 
potassium chloride is used for this purpose, since u and v are almost 
equal for this salt (c/. Table I). The methods described above for 
measuring potentials are hence only accurate in so far as the 
precautions used for eliminating the diffusion potential are effective. 

If two solutions of the same salt are in mutual contact and are 
each in contact with a metal electrode corresponding to the cation, 
the combination is termed a " concentration cell with transference.” 
The potential difference between the electrodes is equal to the sum 
of the potential differences in the cell, and since the electrodes are 
of the same metal this is equal to the difference between the electro- 
motive potentials of the electrodes. If both ions are univalent, (32) 
and (86) give for the present case 


TT = TTi — = 


RT , , RT u — u , m, 

Inm, + - III — 


RT , 

-p- Innu , 

r 


or. 


7f 


2v RT , in, 

— In ■ 

« -)- n F 1112 


( 86 ) 


This equation may, for example, be applied to the cell 




AgNOslmi) 

AgAOi(mi) 

HjO 

H^O 




Equation (86) can al^io be derived by a purely thermodynamic 
argument, in the same way in which (26) was derived for a concen- 
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tration cell Tvithout tranaport. According to [1. c.], the electro- 

V 

motive process iu the present case is the transfer of gram- 

molecules of salt from one electrode compartment to the other for 
the passage of F units of electricity through the cell. 

If a corresponding cell is constructed from two electrodes of the 
second kind, the expression for the electromotive force of the cell 
becomes 


2u RT , nil 

— 1 FT In 

u 4- n r nia 


(87) 


applicable, for example, to the cell 


Ag 


AgCI 


KCl{mi) 

HiO 


Ka(iih) 

HaO 


AgCI 


Ag. 


All these equations involving the concentration are, of course, 
only applicable for high dilutions of the ions concerned. If in place 
of water a concentrated salt adlviion is used as the solvent, then the 
activity and the concentration will be proportional and the simple 
gas laws will be applicable [VII. 2. c.]. In addition to this the 
diffusion potential will practically disappear, since at the point 
where the two Uquids come into contact the conduction of electricity 
will be almost entirely due to the ions which are present in largo 
excess and have the same concentration in both solutions. In this 
case (86) and (87) can be replaced by the simple and exact equation 


RT , mi 

zF mg 


(88) 


(o) The Measurement of Single Potentials. It has already been 
stated and illustrated by numerous examples that a “ single poten- 
tial,” i.e., the electrical potential difference between two phases, 
can only be measured thermodynamically if the two phases are 
composed of the same “ medium.” Even under these conditions 
the potential can only be obtained with a certain degree of approxi- 
mation, since even if the solvent (i.e., the predominant component) 
remains unchanged, any change in the composition involves a 
change in the phase as a whole, and hence a certain “ medium 
effect.” In dilute solutions, however, this effect can be neglected : 
thus the membrane potential has been mentioned above as a poten- 
tial which can be measured accurately. 

If a potential is set up between two phases in different media. 
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6.g., between a metal and a solution of a corresponding metallic 
salt, then no absolute measurement ot that single potential is 
possible. It is however possible to carry out a comparative measure- 
ment by measuring the difference between two such potentials, 
provided that the solutions of the salts are dilute and are in the 
same solvent, and that these two solutions can be brought into 
contact without potential difference. This last condition is best 
fulfilled by using a concentrated solution of another salt as solvent 
throughout, the salts corresponding to the metal electrodes being 
added in concentrations which are small compared with that of the 
solvent salt. In a combination of this kind there will be no potentials 
other than those at the metal electrodes, and the effect of concentra- 
tion or of the nature of the metal can be accurately studied. For 
example, the theoretical concentration variation expressed by 
equation (36) is found to apply with high accuracy. If it is not 
desired to work in such a salt solution, the liquid-liquid junction 
potential may be largely eliminated as described above by using a 
concentrated KCl solution as “ bridge solution.” 

As a standard electrode for such measurements we may use a 
hydrogen electrode, or some other constant and reproducible 
electrode having a known potential relative to the hydrogen 
electrode. A frequent choice is the “ calomel electrode,” consisting 
of mercury covered by a layer of solid calomel, HgCl, in contact 
with molar or 0-1 molar KCl solution. If molar KCl solution is 
used, the electromotive potential of this solution is 0-281 volts 
greater than that of the standard hydrogen electrode. 

For the relative determination of single potentials we may 
combine a series of “ half-cells,” i.e., metal electrodes with their 
appropriate liquid phases, with a calomel electrode as Uie other 
half-cell, thus forming the combination. 



Me-salt 

NCI l.OJH 

Me 


HgCl 



Hfi 


where the double line indicates that the junction potential has been 
eliminated. If Me = hydrogen, the electromotive force of the 
combination will be 0-281 volts with mercury as the positive pole. 

(p) The Electrometric Determination of Hydrogen Ion Concentra- 
tions. Of the various methods which can be used for determining 
hydrogen ion concentrations, the electrometric method is of parti- 
cular importance. The hydrogen ion concentration is calculated by 
means of equation (42) for the electrode potential, the estimation 
of the single potentials involved being carried out by the method 
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described under (o). In the present instance z ~ 1, and for t = 20** 
(42) can be written 

ir — 0.0581 log aH+ + ^o- (89) 

The nature of the hydrogen electrode (c/. (k) ) shows that the 
electromotive force is a direct measure of the proton activity in the 
solution. Since in aqueous solution the hydrogen ion is the 

stcachiometric electrode reaction is 


i ^ + e, (90) 

showing that the potential depends not only on the hydrogen 
pressure and the hydroxonium ion activity, but also on the activity 
of the solvent. The last factor is, however, unimportant in dilute 
solutions, since the activity of the solvent is practically constant. 

The effect of the hydrogen pressure is however of importance in 
practice on account of variations in the barometric pressure. The 
magnitude of the effect can be calculated from equation (27), which 
gives for t = 20° and small pressure changes, 

= 0.0126—^ (91) 

P 

showing that an increase of pressure by 8% corresponds to an 
increase of 1 millivolt in the electrode potential. 

The potential of the hydrogen electrode is equally well defined 
in alkafine and in acid solutions. In alkaline solutions this potential 
is much higher, in agreement with the small concentration of 
hydrogen ions present. The difference between the potentials of 
the hydrogen electrode in 0-1 NaOU and OT HCl at 25° amounts to 
0-696 volts, whence equation (42) gives 7na^+ = 1-70 x lO-'isinthe 
first solution, so that 


Kw,0) = 1.70 • 10-1*. 


This value is considerably greater than the value 1-02 x 10“i* 
previously given [VII. 3. b.] for pure water at 26°. This is because 
the present value refers to a 0-1 molar electrolyte solution in which 


the dissociation constant is increased by the factor [VII. 3. h.]. 


Equation (90) represents the simplest form of an oiddation* 
reduction equilibrium in aqueous solution involving the proton. 
It will, however, be easily seen that any such oxidation-reductioii 
reaction in which hydrogen ions take part will be affected by the 
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acidity, and can be used for determining acidity if the potential is 
set up sufficiently rapidly. An example of this land of electrode 
which has considerable practical importance is the quinhydrone 
electrode, consisting of an electrode of platinum or some other 
inert substance surrounded by a solution of quinhydrone. The 
equilibrium scheme is then 

Hydroquinone ^quinone + 2© + 20, 

showing that the quinhydrone concentration has no effect upon the 
potential, which depends only on the ratio between the concentra- 
tions of hydroquinone and quinone. The electrode will not, however, 
function at pg values greater than about 8-6, As previously men- 
tioned, the standard reduction potential of the quinhydrone electrode 
is 0‘70 volts lower than that of the hydrogen electrode. 

Another electrode which is used for determinations of hydrogen 
ion concentrations in aqueous solution is the so-called ylass electrode, 
which has considerable advantages on account of its chemical 
inertness towards the solutions used. The electrode consists of a 
very thin-walled glass bulb filled with a solution (1) of well-defined 
acidity. This “ inner liquid ” is connected to a standard electrode 
or some other electrode of .constant potential. The bulb is immersed 
in the “ outer liquid ” the solution whose acidity is required), 
which is connected with a standard electrode of the same kind as the 
first. It is then found that (in the absence of diffusion potentials) 
the electromotive force of the whole combination varies with the 
hydrogen ion activity of the outer liquid according to the usual 
logarithmic formula (89). 

The cell is represented by the scheme 

Glua 

Vi jj Soln. (1) pi Soln. (2) || Vj 

where Vj and Vj represent the standard electrodes connected 
respectively to the inner liquid (1) and the outer Uquid (2), the 
junction potentials being eliminated. The working of the cell is 
easily understood if it is assumed that the glass acts as a membrane 
permeable to hydrogen ions but not to any other type of ion. 
Equation (62) for the membrane potential then shows that the total 
electromotive force of the combination is given by 

TTi — = (I'd) — <f'd) — -p In • 

Since is constant, this reduces to the usual relation between wj 
and 0 ( 2 ), the hydrogen ion activity. 
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The resistance of the glass bulb is very high, and an electrostatic 
instrument must therefore be used for measuring the potential. 

If ions other than the hydrogen ion were able to pass through the 
glass there would not in general be electrochemical equilibrium 
between the two solutions and the principle of the method would 
fail. There are no free protons or hydrogen ions present in the glass 
[VII. 3. b], and the fact that this ion in particular can penetrate is 
probably connected with the ampholytic nature of glass. 

(q) Polarisation and Over-voltage. If an electric current passes 
through an electrolytic conductor a potential is usually set up 
between the electrodes so as to oppose the passage of the current. 
This phenomenon is termed electrolytic polarisation : it is a simple 
consequence of the chemical energy produced by the current, and 
must be equivalent to the corresponding loss in electrical energy. 
In certain cases the passage of the current may be said to produce 
two half cells, and if the current density is sufficiently low the 
polarisation potential can be calculated as the sum of the electro- 
motive potentials of these two half-cells. Thus if zinc bromide is 
electrolysed slowly we find a polarisation of about 1-8 volts, equal 
to the difference of the standard potentials of Zn and Br. If, as in 
this case, the process consists of a simple decomposition, the polarisa- 
tion is termed the decomposition potential of the salt, and the electro- 
lysis is reversible. 

The polarisation i.s of course dependent on the concentration of the 
salt being electrolysed and also the concentration of the decomposition 
products. In the case given above the initial bromine concentration 
round the anode will be zero, so that to begin with the polarisation at 
this electrode should theoretically be zero. As increasing amounts of 
bromine are liberated the polarisation increases, and the decomposition 
potential is reached at saturation concentration. For this reason the 
current passing through an electrolysis apparatus will not in general be 
a simple function of the applied potential. If the latter is appreciably 
smaller than the decomposition potential the current will be very small, 
and (as appears from the equation for the electrode potential) will vary 
rapidly with the potential. Once the decomposition potential has been 
i-each^ the polarisation will be approximately constant, and the current 
will therefore be approximately projportional to the amount by which 
the applied potential excee<ls the decomposition potential. If the 
electrolyte contains several substancea with different decomposition 
potentials, this will appear on the current-potential curve as quite 
sharp changes in the ratio between the current and the potential. 
These differences may be used for separating substances with consider- 
ably different electrode potentials, e.g., copper from zinc or iodine from 
chlorine. 

If a salt solution is electrolysed between electrodes composed of the 
metal contained in the salt {e.g., a silver nitrate solution between silver 
dectrodes) an infinitesimal current needs only an infinitesimal potential, 
since electrolysis results only in the transfer of the metal from anode to 



IX. 2. ELECTROMOTIVE FORCE 


319 


cathode. For larger potentials and currents, however, polarisation will 
be set up on account of the concentration change due to electrolytic 
transport, the concentration of salt round the anode being increased, 
and the concentration round the cathode decreased. The magnitude of 
this polarisation will depend on the relation between the current density 
and the veloeity with which the salt diffuses. After a certain time a 
stationary state will be reached depending upon the conditions of 
experiment, in which the concentration changes caused by the current 
are compensated by those caused by difiusion of the salt. In this 
stationary state the nitrate ions will clearly be stationary, the current 
being entirely carried by the metal ions. 

Sj)ecial importance attaches to the irreversible polarisation . 
phenomena associated with the electrolytic discharge of gases, e.g., 
hydrogen and oxygen. For example, if we measure the potential 
difference between a reversible hydrogen electrode carr 5 ring no 
current and an inert electrode at which hydrogen is being liberated 
electrolytically, a difference will be found which depends on the 
current density and upon the nature of the inert electrode. It is 
always found that the reversible electrode exhibits a higher electro- 
motive potential than the electrode at which hydrogen is being 
discharged, and this difference is termed the hydrogen over-voltage. 
Its magnitude for low current densities is about 0-44 volte for a 
mercury electrode, but is practically zero for an electrode of 
platinised platinum. 

The existence of an over-voltage probably has no direct connec- 
tion with the gaseous state of the substances taking part, but is 
rather due to the fact that the reversible electrode potentials of 
these gases refer to the diatomic molecules of the gas, while the 
ion is monatomic. The electrode process therefore consists not only 
in the simple discharge of an ion, but also in the combination of 
the liberated atoms to molecules. It is easily understood that this 
process takes place more readily on a platinum electrode than on 
electrodes of other metals, since it is known that hydrogen dissolves 
in platinum partly in the atomic state, so that in this metal a 
reversible equilibrium must be set up between hydrogen atoms and 
hydrogen molecules. 

In the electrolytic preparation of deuterium (the isotope of hydro- 
gen with mass 2) by the electrolysis of water, the separation from 
ordinary hydrogen is due to the fact that the heavier isotope has 
the greater over-voltage. 
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AFFINITY 

This chapter deals partly with the coruxpl of aflRnity, as it has 
been developed on the basis of observations of chemical processes, 
and partly with affinity expressed quantitatively in terms of the 
energy changes associated with processes involving molecules and 
atoms. These two concepts have been developed along very 
different lines, but they are sufficiently related to enable them to 
be treated under the same heading, 

1. Reaction Aemnity 

(a) The Concept of Affinity. From early times the word “ affinity ” 
has been used to denote the chemical attraction between substances. 
This does not provide a satisfactory definition of the concept, but 
by considering certain reactions it was possible to arrange substances 
in order of increasing or decreasing affinity, so that if the affinity of 
A for C is greater than that of B for C, A will be able to replace B 
in the compound BC (Bergmann). It was later realised that the 
course of a reaction depends not only on the chemical nature of the 
substances, but also on the concentrations, thus leading to the 
laws of homogeneous equilibrium (Berthollet, Guldberg and 
Waage). 

The first unequivocal definition of affinity is due to Julius 
Thomsen, who identified the affinity of a process with the heat 
evolved. According to this theory (often referred to as Berthelot’s 
principle) every spontaneous process should be exothermic, and the 
amount of heat evolved should be a measure of the affinity. Actu- 
ally, however, endothermic processes can also take place spon- 
taneously, particularly at high temperatures, so that this theory 
cannot be maintained although it agrees with the facts for processes 
associated with large heat evolution. The theory is also definitely 
contradicted by thermodynamic results. 

The fact that every spontaneous process can be made to perform 
work is really implied in the term “ spontaneous,” since this may 
be taken to mean a process which can be carried out without 
supplying work. Since further any chemical process by definition 
proceeds in the direction determined by affinity, the affinity and the 
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maximum work obtainable at a given temperature always have 
the same sign ; hence it is reasonable to use the maximum work as 
a quantitative measure of the affinity (van’t Hoff). 

It has previously been pointed out that the decrease in free 
energy associated with a chemical reaction represents the maximum 
work obtainable from the reaction at the temperature in question. 
The concept of affinity is thus closely related to the thermod 3 mamic 
functions. Since it is the work done by the chemical forces which 
W"e wish to express in the affinity, in determining it we do not take 
into account the work done by a volume change against a positive 
or negative pressure, which appears as the term ydn in equa- 
tion I. (31). (In the same way we exclude potential thermal energy 
from consideration by the condition that the temperature must be 
constant). We can therefore define the affinity as the change in free 
energy when the reaction in question takes place at constant 
temperature and constant volume. In agreement with I. (31) and 
1. (44) the affinity of the reaction A B can he written 


A*da = — {dFjr.u = — (1) 


where A* is the affinity (i.e., the chemical work, as defined above, 
for unit quantity of substance), a is the extent of the reaction, and 
(in is i)ositive or negative tor the A-system or the R-system respec- 
tively. The affinity can of course also be expressed in terms of the 
(7-function, since on combining (1) with I. (44) we have 


A*da = — {dG)T.p = — (2) 

111 a chemical reaction the changes in the numbers of molecules 
are not mutually independent, since the quantities of the .ibstances 
change in the proportions determined by the stoichiometric reaction 
equation. Equation VI. (7) gives 

— nx.da, 1 


where . . ., np , * - - are the stoichiometric ratios 

occurring in the equation. Introducing this relation, equations (1) 
and (2) become 



\w<-h.r 


(4) 


As previously shown [VI. 2. a.], the standard states for chemical 
potentials cannot be chosen arbitrarily', but must be fixed in such a 
way that equations (1) to (4) are satisfied in an arbitrarily chosen 
state : in particular so that A* is zero in an equilibrium state. We 
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thus see fundamental importance of the quantity A* in chemical 
processes, since these equations show that it may be regarded as a 
function measuring the tendency for the reaction or the maximum 
ineTeislbility of the process. 

If the reaction is heterogeneous, or if for any other reason the 
chemical potentials are independent of a, then the affinity will not 
change as the process progresses. In that case the reaction goes to 
oiunpleiion, and A* can be simply put equal to the decrease in the , 
0-bmction per unit quantity of substance when the process takes 
place at constant pressure and temperature. In homogeneous 
systems, on the other hand, the chemical potentials will change 



with the composition of the system and the affinity will thus decresise 
during the process, finally becoming zero when equilibrium is reached. 

(b) The Principle of Affinity Determinationi. The affinity can be 
measured by any of the methods previously described for measuring 
the maximum work of a chemical reaction. The work corresponding 
to the term pdv must then be subtracted, though for transformations 
involving solid and liquid substances this term is usually inappre- 
ciable. Special mention may be made of electrometric methods 
fix. 2. c.-e.], and measurements depending on dissociation and 
equilibrium constants. In simpler cases, such as the affinity of 
changes of state or allotropic transformations, measurements of 
vapour pressure [II. 4. e.] or solubiUty [V. 3. a.] may be employed. 
The affinity of crystallisation of a supercooled liquid can also be 
determined by considering a reversible volume change until the 
equilibrium |[HXS8ure is reached, followed by transformation at the 
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constant equilibrium pressure and subsequent reversible volume 
change to the initial pressure. The affinity is then given by the 
total mechanical work obtained in these operations, and can be 
calculated if the corresponding volumes and compressibilities are 
known. 

As an example of the application of a special method (which can 
however be applied in principle in many cases) we shall describe the 
measurement of aiiSnity in the transformation of a reciprocal salt pair, 
e.g., 

KCl + NaNO, -V NaCl + KNO„ 

all substances being present in the crystalline state. Processes of this 
kind have been previously described [IV. 5. a.J, and it was particularly 
emphasised that only one of the salt pairs in such a transformation will 
normally be stable. 

To illustrate the method we will consider the diagram in Fig. 1 , 
which shows schematically the solubility relationships in such a system. 
The axes of abscissae and ordinates represent respectively the mole 
fractions of the cation and the anion in the solution, the amount of 
solvent not being taken into account in the calculation : thus, for 
example, 


where the total amounts of K, Na, Cl and NO, are respectively n', n", 
n'" and n'"'. The four vortices of the diagram thus correspond to 
solutions of the four pure salts KCl, NaCl, NuNO, and KNO, (repre- 
sented in the order given by the numerals 1, 2, 3 and 4) which of course 
only contain two ions. Similarly, the sides of the square correspond 
to the presence of two salts containing three ions, and point, .nside the 
square to solutions containing all four ions. In each case the relative 
quantities of the ions present are determined by the position of the 
appropriate point in the diagram. 

The curves in the diagram represent solubility curves corresponding 
to simultaneous saturation with two salts, while the points of inter- 
section of these curves correspond to simultaneous saturation with 
three salts. Stable states are represented by full curves and unstable 
states by dotted curves. The solid phases corresponding to the curves 
and their points of intersection are shown on the figure. 

The stable 2-salt curves intersect at the stable 3-8alt points 4.1.2 
and 2.3.4, while their unstable continuations intersect at the unstable 
3-aalt points 1.2,3 and 4.1.3. The system 2.4 (i.e., NaCl -f- KNO 3 ) is 
thus the stable salt pair, while the system 1.3 is unstable : this is also 
indicated by the direction of the arrow in the reaction scheme. If a 
solvent is present to catalyse the process, the salts KCl -f NaNO, will 
be transformed into the reciprocal system. 

This process can be carried out reversibly by transferring the salt 1 • 
from the point 4.1.2 to the point 2.3.4, i.e., from the first to the second 
of the corresponding saturated solutions. These solutions are composed 
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of water, the salts 2 and 4 with which the solutions are saturated, and 
salt 1 : at 4.1.2 the solution is saturated with this last salt, while at 
2.3.4 (and at any point in the triangle 2.3.4) it may be said to be present 
in negative amount. 

We can now apply the Gibbs-Duhem equation [IV. 3. c.] 
mjdiii + m^(i, + -■= 0 

to these solutions. On account of the saturation equilibrium along the 
curve 4.1.2 — 2.3.4, we have 

— dfti = 0 , 

giving the relation 
or, introducing 


rdju, +(1 — — 0 , 

and hence 

r(4 1-2) 

In order to deK'rminc the potential difference [ii( 4 .i. 2 ) — ( 11 ( 234 ), the 
above expreneion muni be itUegratod, which is possible if the vapour 
pressure of the water is known as a function of x. The affinity can thus 
be found if vapour pressure measurements are available along the whole 
curve 4.1.2^ — 2.3.4, since 


=^'1(4.1-21 ~ l“l(2 S-4r 

(c) The Variation of Affinity with Temperature. To determine the 
temperature variation of the affinity of the process A — >■ if we shall 
apply equation I. (37) to the two systems concerned and then 
subtract the two equations obtained. Wo thus find 



where AO — Ojj — Oji. and similarly for AH. If the reaction is of 
the heterogeneous type dealt with above, the affinity is equal to 
— AO. Further, AH is in general equal to Q, the heat absorbed in 
the process, so that (5) can he written 

A*--0 I (6) 

It is thus seen that the relation between the affinity and the heat 
change is not as simple as assumed in the Thomsen-Bcrthclot 
principle, wliicli demanded A* = — Q, since (6) shows that this 
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identity is only true at absolute zero and at temperatures for -which 
dA*jdT = 0. If A* increases with increasing temperature the 
affinity is greater than the heat evolved, while if it decreases the 
reverse is the case. By differentiating (H) with respect to tempera- 
ture we obtain 


dQ 

AT 


T 


cPA* 

itr^ 


(7) 


showing that the curvature of the A*-curve is determined by the 
sign of the temperature coefficient of the heat evolution, so that 



when this temperature coefficient is zero the ,4*-curve will have a 
point of inflexion. 

If the variation of Q with temperature is known right down to 
absolute zero it is possible to construct a series of A.*-curves which 
satisfy equations (6) and (7). Such curves are shown ifi Fig. 2, 
which also illustrates the geometrical construction for constructing 
the — 0-curve from a given A*-curve on the basis of I. (37). It 
appears from this construction, and also from I. (39), which can be 
written in the form 

that A* and Q coincide at T* = 0, but that there are an infinite 
number of A.*-curve8 consistent with a given O-curve. The problem 
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of determinuag the affinity of a chemical process from a knowledge 
of the ©-curve (t.e., from thermal measurements alone) is therefore 
one 'Which cannot be solved by classical thermodynamics. 

However, in certain cases, namely reactions involving only pure 
substances in the crystaJline stale, it becomes possible to determine 
the affinity by introducing a special assumption about thermo- 
d3mamio behaviour at low temperatures. Since this assumption is 
of a very general nature and has been verified over a wide field, it 
is termed the third law of thermodynamics. 

(d) The Third Law of Thermodsmamics. According to equa- 
tion I. (30), 

G = H~TS. (8) 

Applying this equation to the reaction A—^B, putting OB—Oji=AO, 
etc., we obtain 

AG^AH- TAS, 
or, since A* — — AO and Q = AH, 

A* = -Q + TAS. (9) 

The affinity can thus be determined from the heat evolved in the 
process provided that AS for the process can also be measured. 
Since TAS is equal to the heat absorbed when the process takes 
place reversibly, the affinity can only be determined by this method 
when the process can be carried out reversibly. This is not always 
possible in practice, and in cases where the reversible process can 
be realised it is in general much easier to measure the work done 
(i.e.. A*) than the heat absorbed. The use of equation (9) is hence 
reaUy equivalent to a direct measurement of the affinity. Further, 
a determination of AS in this way does not really constitute a 
solution of the problem outlined above, which was to determine the 
affinity from thermal data alone. If therefore equation (9) is to be 
used to determine the affinity, AS must be found by some other 
means. 

For this purpose we write AS in the form 

z/S = Sb-S«.-(S,»-SO + ^So, (10) 

where the subscript 0 refers to absolute zero. The entropy difierenoes 
referring to the two separate 83 nttem 8 are directly accessible from 
calorimetric measurements, since by using I. (62), 



we find 
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S — S^ = \ CpdlnT. (11) 

Equation (10) can therefore be re-written as 

JS JcpdlnT ^ /IS^, ( 12 ) 

where — cj is the increase in heat capacity associated with 

the process in question. 

The contribution of the third law to the problem of determining 
dS in (9) (and hence the aflSnity) lies in the postulate 

= 0, (13) 

i.e., it is assumed that a reaction between pure crystalline substances 
at absolute zero takes place withmU entropy change. Equation I. (34) 
shows that this postulate can also be written in the form 



The content of these equations is known as Nemst's heat theorem. 
Both expressions can be derived from the more drastic assumption 
that the absolute value of the entropy of any pure crystalline 
substance is zero at absolute zero (Planck). 

Since the limiting value of dA*jdT is zero, the value of A* in the 
vicinity of T = 0 can be written in the form 


A* = A* + aT\ (15) 

where (3 > 1. Introducing this equation in (7), we have 
^| = a/J(|d-l)7^-S 

an expression which becomes equal to zero when T = 0 provided 
that jS > 1. We thus see that the heat theorem predicts that Q will 
behave in the same way as A*, i.e., 



where c^, and Cjj, are the specific heats of the two systems at 
absolute zero. This is in complete agreement with the quantum 
theory of the specific heats of crystals, and also with experimental 
data. Equation II. (43) states that at very low temperatures the 
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specific heat is proportional to the third power of the absolute 
temperature. This leads to 

Q = Q^ + 3ar‘. (16) 

(where a may have either positive or negative valiie.s), and hence for 
the same range of low temperatures 

A*=:A* + aT\ (1'^) 

The complete .4*-curve can be derived from the heat theorem by 
putting JiSo = 0 in (12), giving 

AS = \ Jcpdlnl' ( 18 ) 

which expression can be substituted in (!•). I'his gives 

A* = — C? + zhyHnT, ( 19 ) 

A) 

while according to I. (60) the curve for the heat evolution can be 
written 

T 

Q---Qo+\^c,ilT. m 

Vo 

Figs. 3 and 4 show the, course of the A*- and — Qt-curves for two 
transformations involving crystals, namely the aJIotropic trans- 
formation of tin and the combination of calcium oxide and ice to 
form calcium hydroxide. In both cases it will be seen that the curv es 
agree with the requirements of the heat theorem, while the curves 
for the second case also illustrate the general thermodynamic 
relations mentioned in section (c). A large number of other reactions 
between crystals have been investigated thermodynamically and 
shown to agree with the heat theorem. 

Attempts have been made to extend the range of the heat theorem 
so as to include pure liquids. Although this appears to be justified 
in some cases, it cannot be regarded as generally applicable. Experi- 
mental investigation is rendered difficult by the instability of 
supercooled liquids at low temperatures, though “ amorphous ” 
substances (which in principle may be regarded as liquids) can be 
investigated in this temperatvire range. 

The theorem does not apply to processes involving gases, as may 
be seen from the behaviour of their specific heats [HI. 2. d.]. 
Although these specific heats fall with decreasing temperature, if 
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the translational energy of the molecules behaves classically and is 
not quantised, all gaseous specific heats must reach a constant 
minimum value at the lowest temperatures. It may be predicted 



Fit! 


that gase.s will exhibit this' classical behaviour at very low pressures. 
There are, however, reasons for la'lieving that at finite pressures 
even the translational energy' i.s quantised, thus altering the 
properties of gases at extremely low tmnperatures. This pheno- 



menon is termed gas degeneration. It has not yet, however, been 
demonstrated experimentally, and cannot be directly related to tlie 
third law. 

Finally, as regards the application of the theorem to mixtures, it 
must be remembered that according to equation IV. (4) the entropy 
change associated with the formation of a mixture of ideal gases is 
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independent of the temperature, and hence retains the finite value 
it posaesaes at ordinary teinperatures right down to absolute zero. 
It may be assumed that other states of aggregation exhibit similar 
behaviour, and in particular that the entropy of mixing of crystalline 
substances retains positive values even at the lowest temperatures. 
Direct appUoation of the third law to mixtures is hence excluded. 

(e) Thermodynamic Functions and the Third Law. The considera- 
tions of the preceding paragraph refer to affinity and heat of reaction, 
».e., to changes in the thermod 3 mamic functions brought about by 
chemical processes. It will simplify calculation to deal instead 
with the thermodynamic functions of the separate substances 
involved. For the entropy the appropriate equation has already 
been given in (11), i.e.. 


Cpdln T. 


The heat content is given by (20) as 


•'0 

^en by (20) 

CpdT, 

•'0 


( 21 ) 


while the equation for the thermodynamic potential is obtained 
from (8), (II) and (21), putting = 0, giving 


G 


— ^0 <’prf7' — t\ CpdlnT. 

•O 


( 22 ) 


The values of these functions relative to their values at T = 0 can 
hence be calculated at any temperature provided that the values of 
Cp are known throughout the whole temperature range. In the case 
of the entropy, Planck’s formulation of the third law puts = 0 
for pure crystalline substances. From a purely thermodynamic 
standpoint this postulate goes no further than equation (18), since 
the absolute values of the thermodynamic functions are without 
thermodynamic significance. It is however significant from the 
point of view of statistical mechanics, which is of importance in 
understanding the concept of entropy. In any case it is a con- 
venient convention for fixing numerical values. 

In agreement with this convention we shall write equation (11) 
for pure crystalline substances in the form 



X. 1. REACTION AFFINITY 


331 


In order to determine S (or, more generally, S — SJ we may plot 
Cp against InT, at CpjT against T, when the area under the curve 
obtained will represent the value of the integral. In carrying out 
this determination it must be remembered that specific heat 
measurements do not generally extend to the lowest temperatures, 
but may be replaced or supplemented by the theoretical T^-law 
previously mentioned. Further, the contribution of the range of 
very low temperatures to the entropy is relatively small provided 
that no changes of state take, place in this range. 

If there is a change of state or a polymorphic transformation in 
the temperature interval considered, the heat content and the 
entropy will of course be increased by amounts q and qjT respectively, 
where q is the latent heat and T the transition temperature. At this 
temperature there will also be a discontinuous change in the direc- 
tion of the G-curve. 


Table I, Thermodynamic Functions for Pb and 1 


' 

Lead 

Iodine 

T 

S 


S 

0 — Go 

10 

0.23 

0.69 

0,17 

0.4 

20 

1.29 

7.65 

0.91 

6 3 

60 

6.05 

lOS 

3.86 

77.4 

100 

8.94 

465 

7.29 

366 


13,08 

1588 

11.42 

1327 


15.62 

3030 

13.98 



Table II. Thermodynamic Functions for \HCl 


T 

S 

C-Gp 

10 

0.045 

0.116 


0.301 

1.67 


3,46 

134 


5.33 

173 


7.44 

494 


9 34 

572 

180 

10.2 

767 


Aa an example the above tabl^ give the values of S and G — Go 
or lead, iodine and hydrogen chloride. The values at T = 10° are 
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however somewhat uncertain. For HCl the large increases in S in 
the temperature intervab 90°-100° and 150°-160° are due to a 
polymorphic change and to fusion respectively. 

(I) The Calculation o! Qas El^iiilibria bom the Thud Law. For a 

homogeneous gas equilibrium of the form 


we have from VI. (33) 


B 


dhiKp _ 

dT ~ RT^ ’ 


where K- — 


Pa 


This gives on integration 

m, - w; 


InKj/— In— — 
Pa J 


RT 


dT-i J. 


(24) 


inequation (24) and siihseqiient (‘qnations containing an indefinite 
integral and an integration constant, the integration is to be carried 
out without introducing any further constants. As previously 
shown [II. 1. b.], the Af-functions involved are independent of the 
pressure but vary with the temperature according to I. (60). J is 
an integration constant which cannot be determined by classical 
thermodynamics. We shall, however, see that this constant can 
be determined by recourse to the third law. 

For this purpose we introduce and Pu, the vapour pressures 
of A and B in the crystalline state. These are given by the integrated 
form of II. (49), which by analogy with (24) can be written 

(25) 

(26) 


where (as in (24) ) and H'^ refer to the gaseous state. Like 
./, the constants andj^ cannot be determined thermodynamically, 
but there exists an important relation between these three constants 
which makes it possible to calculate gas equilibria if the vapour 
pressure curves are known over a large temperature range. 

Combining the three equations (24), (26) and (26) gives 


PbPa ' ] RT^ 
or after multipl 3 dng by RT, 


dT + J — (jB — Ja), 


(27) 


RTln ^ = Ga - Cfl = rC dr+RT[J-{jB-jA) (28; 

PbPa j T 
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since the first term is easily seen to be equal to the difference between 
the 0-funotions of A and B in the erystalline state. The value of the 
integral is given by I. (39) as 


'Hji-Ha 


dT^ 


Gb ■ 


+ iu - U- 


(29) 


At very low temperatures, however, the third law gives 
Hb — Hji = Gb — Gji ~ constant, 
and if (29) is integrated on this assumption wc find 
iji ~ U = 9 - 

We can therefore introduce — 
in equation (28), giving directly 


Ga 


in place 


off 




Mb- 


(30) 


Ha 


dT 


J =3b ~ 3a- 

The argument given here for a simple gas equilibrium involving 
only two components is easily seen to be valid for gas equilibria of 
any type, so that W’e can write in general 


.1 — Sjn — Sj A- 


The introduction of the third law by means of the condition ie—tA 
thus leads to a general method for determining the integration 
constant </. This constant is found to depend on constants referring 
to the separate substances taking part and on the numbers of 
molecules involved, but does not depend in any other way on the 
particular combination considered. The ^’-constants can be deter- 
mined from a knowledge of the complete vapour pressure curves of 
the separate substances involved, and if these constants are known 
it is possible to make a complete calculation of the homogeneous 
equilibrium on the basis of the thermal data for the reaction. It 
will also be seen that calculations can be carried out for homo- 
heterogeneous reactions in an exactly similar manner, except that 
the j-constants corresponding to the solid substances are omitted 
from equation (27). 

The vapour pressure constants y arc thus of considerable imjx>r- 
tance for the general solution of the affinity problem, and on account 
of their use for calculating chemical equilibria they have, been 
termed ” chemical constants.” It is important to note that these 
constants can in many cases Isj calculated by means of quantum 
theory and statistical mechanics from a knowledge of the mass 
and structure of the molecules in question. 
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Gaa equilibria can be calculated by a formally simpler and more 
rational method by the direct application of equation I. (30), 

AG = ^H - TAS, 

to gas reactions in which all the participants are present as pure 
gases at unit pressure and the same temperature T. By considera- 
tions analogous to those used in deriving equation VI. (4), it is 
easily seen that 

AG= - RTlnKj,^ (31) 

so that we can write 

RTlnK^ = TAS - AH. (32) 

In this equation AH is the heat of reaction while AS = Sb — S^ 
is the difference between the entropies of the final and initial 
systems at unit pressure. These entropies can be calculated on 
the basis of the third law as described under (e), so that the equili- 
brium constant Kp can also be determined. 

2. Atomic and Moliccdlae Peocbsses 

We have so far considered chemical reactions from the stand- 
point of macroscopic measurements, e.g., thermodynamic measure- 
ments of affinity. From the point of view of molecular theory 
these reactions must be considered as the sum of a large number 
of single processes involving the individual atoms and molecules of 
the substances involved. We have already seen that this point of 
view can be very fruitful in certain fields. It is, however, possible 
to study atomic and molecular processes by means of methods 
differing essentially from the thermodynamic methods so far 
employed. Such methods may lead to an insight into the more 
detailed mechanism of physico-chemical processes, and may also 
be used to test the relations which can be shown to exist between 
the energy involved in single molecular processes and the usual 
thermodynamic quantities. 

In this connection we shall deal not only with molecular trans- 
formations which can be expressed by an ordinary chemical equa- 
tion, but more generally with any discontinuous changes in atoms 
and molecules. Phenomena of this kind are governed by the laws 
of the quarUum theory, and can only be understood in terms of this 
theory. 

Thp experimental methods available for investigating the energy 
relations of single atoms and molecules are chiefly optical or electri- 
cal, as already mentioned in connection with the photochemical 
activation of molecules [VIII. 3]. When such experiments are 
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interpreted with the help of quantum theory it is possible to obtain 
information about the energy states of atoms and molecules, and iu 
particular the amount of work required to pass from one state to 
another. However, this work cannot be directly identified with the 
affinity of the macro-reaction, even when the nature of the process 
admits of such a comparison. This may be seen, for example, by 
considering the dissociation aflSnity of a gas. Even if the tempera- 
ture is constant this affinity will depend on the pressure and in 
virtue of this dependence may assume both positive and negative 
values for the same reaction. There can be no such effect of pressure 
on the quantity referring to a single molecule, since the concept of 
pressure has no meaning in this connection. This obvious difference 
is due to the part played by the thermal motion of the molecules in 
setting up equilibria ; the non-uniform distribution of energy 
(expressed by Maxwell’s law) causes certain molecules to have a 
high kinetic energy which appears as work when dealing with single 
molecules and leads to the processes which are observed macro- 
Bcopically. It is, however, clear that this effect of molecular motion 
will decrease to an unlimited extent with decreasing temperature, 
80 that at absolute zero both the affinity and the heat evolved in 
the macroscopic process will be identical with the work charac- 
teristic of the molecular process. 

The meaning of for a molecular process also appears from the 
quantum relation between the energy of this process and a frequency 
which does not depend on the temperature. For molecular process 
entirely conditioned by such a relation the distinction between work 
and energy disappears, and the values for the work obtainable by 
these methods can be directly compared with the heat evolved by 
the macro-reaction at absolute zero. Moreover, reactions which 
can be studied by these methods will in general be characterised by 
energy changes, which are very large compared with the thermal 
energy of the order of magnitude kT. It is therefore often unneces- 
sary to refer the heat change to absolute zero, and the more accessible 
value at the temperature of the experiment may be used. 

As stated above, these phenomena can only be interpreted on 
the basis of the quantum theory, according to which not only the 
energy of atoms and molecules but also the energy of electromagnetic 
radiation must be regarded as quantised. The old quantum theory 
involved various inconsistencies ; for example, the oocurrence of 
corpuscular properties in Mght, which in other respects has the 
character of waves, and the association of wave-like properties with 
the motion of charged particles. These inconsistencies have to a 
great extent been fundamentally removed by the new quantum 
medianics which has developed during the last ten years.' We can, 
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however, do no more than mention the consequent revolution in 
our fundamental conceptions of simple natural phenomena. 

(a) Work of Ionisation and Electron Affinity. The work of 
ionisation is the energy which must be supplied to an isolated 
particle (charged or uncharged) in order to make it lose an electron. 
This process may be represented by 

A’— ► y + e, 

so that the work of ionisation for the particle A is the work which 
must be supplied in order that the process represented by this 
equation shall take place. The same work is termed the electron 
affinity of the particle Y. This terminology applies independent of 
the charge on the particles. Thus the energies required for the 
dissociations 

A'— ^A-+ + © 

and '■ 

67 — ► 6/ + e 

represent on the one hand the work of ionisation for the potassium 
atom and the chlorine ion respectively, and on the other hand the 
electron affinity of the potassium ion and the chlorine aicrni respec- 
tively. It is clear that a high ionisation potential means that the 
particle is stable in the sense that it has little tendency to change 
its state, while a large electron affinity corresponds to a large 
tendency to change. 

One method for ionising electrically neutral atoms in the gaseous 
state is to bombard them with electron.s of suitable velocity, the 
occurrence of ionisation being detected by the power of the gas to 
conduct electricity (Franck and Hertz). 

The principle of the experiment is illustrated in Fig. 6. A timgsten 
filament T, surrounded by a cylindrical metal electrode R, is heated by 



N zz- - R 

Fig. 6. 

an electric current and thus caused to emit slow electrons. R is charged 
negatively relative to the filament, while the wire gauze N between 
R and T is charged positively. The electrons are accelerated in the 
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field TN, and if their initial velocity is zero, their velocity after passing 
through the field is given by 

JwMc* = eJili. (33) 

If the potential of the electrode R is sufficiently high the electrons will 
never reach it, and the increased kinetic energy of the electrons caused 
by an increase of the potential TN will not appear as an electric current 
in a galvanometer inserted between T and S. A change in the reading 
of this instrument only occurs when ionisation is set up, when the 
positive ions formed are attracted by the electrode R and transfer their 
charge to it. 

Experiment shows that the galvanometer deflection appears suddenly 
when the accelerating field A >jt reaches a certain critical value. It must 
be assumed that the electron energy corresponding to this potential is 
just sufficient to ionise the atoms, so that this method gives the ionisa- 
tion potential directly. 

The work of ionisation is obtained from the ionisation potential 
by multiplying by the electronic charge, which has the value 
[IX. 1. b.] 4-774 X 10“'® electrostatic units or 1-591 x 10'^* 
coulombs. If the charge on the electron is used as the unit of electric 
charge, so that the electrical energy is expressed in “ electron volts,” 
then the numerical value of the ionisation potential is the same as 
that of the work of ionisation. In this case the “ work ” can bo 
expressed in volts. 

The value of the ionisation potential is usually considerably 
higher than the potentials met with in the electrochemistry of 
solutions. The potentials are particularly high for the inert gases, 
c.g., 24 volts for helium and 16 volts for argon. The ioni.sation 
potential of the mercury atom is 10-4 volts, and the values for the 
alkali metals considerably lower, c.gr., 5-1 volts for sodium. This is 
in agreement with the chemical fact that the alkali metals readily 
form positive ions, while an analogous phenomenon is unknown for 
the inert gases under ordinary conditions. It is roughly correct to 
say that for each group of the periodic system the ionisation 
potentials increase progressively from the inert gas to the alkali 
metal. 

(b) Resonance Potentials. If in the experiment described in the 
last section the electrode R is kept at a considerably lower potential, 
then electrons which are sufficiently accelerated will be able to reach 
R, producing a deflection in the galvanometer in the opposite direction 
to that observed before. If this deflection is plotted as a function of 
the accelerating potential, wo obtain not a steadily rising curve but one 
with several maxima and minima. This is illustrated in Fig. 6, which 
shows the results for mercury vapour. This phenomenon means that 
when the accelerating potential exceeds a certain value, the electrons 
are no longer able to reach the electrode R, thmigh they were able to 
do so at a slightly lower potential. This can be explained by supposing 
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that when the vdooity of the eleotrons exceeds a certain critical value, 
correqtondiiig to the eo-cadled resonance potential, they lose energy by 
colliding with the atoms of the gas, this energy being taken up by the 
colliding atom. When the velocity of the electron increaaes above the 



Fio. 6. 


critical value the current again rises : this is because the atom only 
absorbs an amount of energy corresponding to the resonance potential, 
so that if the energy of the electron exceeds this amount it will continue 
its motion with a velocity corresponding to the difference between the 
energies before and after impact. If the potential is increased still 
further, a second critical point is reached of the same nature as the first, 
and so on. 

This experiment shows that atoms can absorb energy discon- 
tinuoufliy in quanta and also gives directly the magnitude of the 
energy quantum absorbed. The states which the atom assumes 
after absorbing quanta are known as excited states. 

(o) Thermal Ionisation. The emission of electrons by a hot 
metal wire (mentioned above) is an example of thermal ionisation, 
a phenomenon which is exhibited both by solids and by gases at 
very high temperatures. An electron vapour pressure can be 
attributed to the metals, and it is a simple matter to calculate the 
maximum velocity with which electrons evaporate from an incan- 
descent filament by measuring the maximum conductivity between 
the filament and a surrounding metal electrode. 

The atoms of gases dissociate at very .high temperatures into 
electrons and ions, and these equilibria can be treated by thermo- 
dynamic methods resembling those used for ordinary chemical 
equilibria, though it must be noted that the ionic charge has an 
impcwtant effect on the magnitude of the equilibrium constant. 
The treatment is based on the thermodynamic equations developed 
in the preceding sections, in particular equation (24). The ionisation 
energy at absolute zero can be determined from the ionisation 
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potential as desoribed under (a.), or (more generally) from optical 
spectra (e.). The specific heats needed to integrate (^) are igaadily 
obtained for a dissociating metal vapour, since in this case all the 
participants are monatomic gases for which Cp = 6 independent of 
the temperature. Finally, the value of J in (24) can be calculated 
by means of quantum theory. 

Since the thermal ionisation of metal vapours takes place to an 
appreciable extent only at very high temperatures, calculations of this 
kind are particularly important in astrophysics, e.g., for stellar atmo- 
spheres. As an example it may be mentioned that the ionisation of the 
calcium atom to Ga* and an electron is calculated to take place to the 
extent of about 60% at 10,000° and a pressure of one atmosphere. 

(d) The Quantum Theory Model of the Atom. The resonance 
potentials mentioned above can be accounted for by means of the 
quantum theory model of the atom, which has been developed 
largely on the basis of observations on atomic spectra (N. Bohr). It 
is assumed that atoms contain a nucleus, possessing almost the 
whole mass of the atom, and having a positive charge, the magnitude 
of which is given by the number of elementary charges equal to the 
number representing the position of the atom in the periodic system. 
In the electrically neutral atom the nucleus is surrounded by an 
equal number of electrons. The stabihty of a system of this kind 
cannot be accounted for on the basis of classical mechanics. In the 
quantum theory it is assumed that the atom can exist in certain 
stationary states, between which only discontinuous energy changes 
can take place. The resonance potentials are the potentials corre- 
sponding to the changes in atomic energy associated with these 
transitions, a quantum of energy being absorbed or emitted. The 
lowest energy level corresponds to the normal state or ground etate 
of the atom, while the excited states are the result of the absorption 
of quanta of energy by the atom. 

It has previously been mentioned [III. 3. b.] that the energy 
quantum for a linear harmonic oscillator is 

E = hv, (34) 

where v is the frequency and h Planck’s constant. The energy of 
the oscillator is hence 

E = rihv, (36) 

where n can have the values 0, 1, 2 ... . 

A similar treatment can be applied to a rotator consisting of a 
particle rotating in a circle. The energy of the oscillator is equally 
divided between kinetic and potential energy, while the rotator 



340 


AFFINITY 


does not poasesa any potential energy in virtue of its rotation. Its 
energy is thus only half as great as that of the osoiUator, i.e.. 


n n CO 

El = -hv = -h-t (36) 

£ 4 9r 

where v is the frequency of rotation and ta the angular velocity. 
Further, classical mechanics gives for the rotator 

El = (37) 

where J is the moment of inertia. This gives 

nh 

ui = 2v7r — - — ^ (38) 

ZttJ 

and 


El 


SuV' 


(39) 


This equation can be applied to the rotation of a diatomic 
molecule, and hence used to calculate the contribution to the specific 
heat of diatomic gases arising from the rotational energy. 

If the rotator is an atom, i.e., an atomic nucleus with electrons 
rotating round it, then analogous equations can be derived. The 
simplest example is the hydrogen atom with a single nuclear charge 
and one electron in a circular orbit. According to Coulomb’s law 
the force between the two charges is and since this is equal to 
the centrifugal force, we have 


nuu^ 


(40) 


where m is the mass of the electron and w its velocity. The potential 
energy of the atom (i.e., the work necessary to remove the electron) 
is thus found to be 


E, 



We can write for the kinetic energy of the electron 
El = Jnwo* = hnr^u)^ 

or by introducing (40), 



Combining this equation with (36) we thus obtain 


(41) 


(42) 

(43) 
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and hence for the total energy 



t -- Ep Eti = - 

c® e® e* 

r ^ ~ 2r ’ 

(46) 

Finally, eliminating roi from (44), we find 


il 

1 

II 

— 

(46) 


which gives the energy of the hydrogen atom for different values of 
n, i.e., for the different stationary quantum states. 

(e) The Relation between Radiation and Atomic Energies. An 
atom can be excited not only by collision with moving electrons and 
by conversion of thermal energy, but also by absorption of radiation. 
Conversely, the transition from a higher to a lower quantum state 
can be accompanied either by the transfer of energy to colliding 
particles, or by the emission of radiation. In classical optics it was 
assumed that the frequency of the radiation coincided with the 
frequency of the material oscillator or rotator producing the 
radiation. In quantum theory, on the other hand, it is assumed 
that the radiation frequency is determined entirely by the energy 
difference between the two stationary states in which the atom 
exists. This is expressed by the genetral frequency law, 

hv — — Ej, (47) 

where h is Planck’s constant, v the frequency of the radiation and 

and the energies of the two states of the oscillating or rotating 
particle. The frequency of the motion of the particle thus does not 
enter directly into the equation, and it will only coincide with r 
in particularly simple cases, e.y., the harmonic oscillator. 

The frequency law has been used in the theory of photochemical 
activation [VIII. 3. b.] and as a basis for explaining the photo- 
electric effect, which consists in the emission of electrons by metals 
on illumination with visible or ultra-violet light. It is also concerned 
in the production of X-rays of wavelength 0-1 — lOA when sohds 
are bombarded with very fast electrons. Particular importance 
attaches to the use of the frequency law in interpretirtg optical 
spectra (Bohr). 

The classical theory of electromagnetic radiation is not consistent 
with the model of the atom described above, since it predicts a 
continuous emission of radiation by the atom as long as the electrons 
circulate round the nucleus, and also that the frequency of the 
light emitted should be the same as that of the material particle. 
We shall however see that there is to a certain extent agreement 
between the latter prediction and the frequency law (47). 





AFFINITY 


If we ooDsidBr two atstea with values of n difiering by unity, 
eqiw^jtaa (39) gives 

— El = ^MJ) ^ , (48) 

‘ »7r*J ' ' 

J hdng assumed constant. Combining this with equation (38) in 
the form 


hvr 


nb^ 

inV’ 


(49) 


where v, is the rotation frequency, we find 

2 « + 1 

Et- El = — - - hvr. (50) 

2» 

For large values of n this expression becomes 

Fj - F, = hvr (51) 

in agreement with (47). Thus for large values of n the radiation 
frequency predicted by classical theory for a rotator (t.e., the 
rotation frequency v,) becomes identical with the frequency calcu- 
lated from (47). This is one way of expressing the so-call^ corre- 
spondence principle. 

The energy difference between two stationary states corresponding 
to w — and « = m* is given by (46) as 


£j El 


2me*n^ 1 1 



Combining this with the frequency law (47) we obtain 


Further, we have 



2me*n*f 1 


/i» Vn| 



vX~c = 3.00 • lO'o. 


(52) 


(53) 

(64) 


where A is the wavelength corresponding to the frequency y and e is 
the velocity of light, giving 


1 

X ~ 

27i*jne*/l 1\ 

c/i* nj/ 

(66) 

II 

\n5 "!/ 

(66) 


where Jt* is known as the Rydberg constant. In order to calculate 
the value of this constant we take the values 
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n = 3.142 
m = 0.903 • 10-*^ 
e =4.77 -10-*® 
h = 6.547 • 10-*’ 
c = 3.00 • 10*0 

whence 

R* = = 1 .096 . 1 0*. (57) 

ch‘ 

The wavelength ia hence given by (66) as 

i — 1.096. ,0.(i-±), ,.8, 

where X is expressed in centimetres. If = 2 and A is expressed in 
Angstrom units. (58) becomes 

A-=3650~L-. (69) 

/ij 4 

The theory based on the frequency condition (47) thus predicts 
that the hydrogen spectrum should contain lines with wavelengths 
given by putting = 3, 4, 6, etc., in equation (66). These lines 
correspond to transitions to the orbit with n = 2 from orbits with 
higher quantum numbers. Such lines are in fact found in the 
hydrogen spectrum in the so-called Balmer series. Other series 
which occur in the hydrogen spectrum can be calculated from (66) 
by putting = 1, 3 or 4, representing electronic transitions to the 
corresponding energy levels from higher quantum states. 

The energy of the atom in the different quantum states can be 
calculated from (62) and (57), giving 



or, inserting the numerical values, 

(61) 

where the energy is expressed in ergs. The energy in electron-volts 
is obtained by ^viding by 1'691 x 10”**, which is the ratio between 
an electro- volt and an erg. This gives 

£.-£,-- 13 . 66 ( 1 - 1 ). 

The energy necessary to remove an electron completely from a 
hydrogen atom in the ground state is obtained from (61) by putting 
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«j = <30 , = 1, while the ionisation potential is obtained in the 

same way from equation (62). This gives respectively 2-16 x 10~“ 
ergs and 13*66 vcdts, or, expressing it in calories per gram-moleoule, 
313,000 cals. The wavelength corresponding to = oo can be 
read oS from the spectrum at the point to which the lines in the 
series converge, and may also be recognised as the limit of the 
continuous spectrum, corresponding to continuous variations in 
the kinetic energy of the free electron. In spectra with a more 
complex structure the ionisation potential can often be determined 
from the convergence of a line series (e.g., for the alkali metals), and 
there is satisfactory agreement with the potentials determined by 
other methods (a.). 

The numerical relation between radiation frequency and energy 
has already been given in equation VIII. (46). The relation between 
frequency and potential is obtained by combining (47) and (54) and 
using the above value for the energy of an electron-volt, giving 

= 1*235 X 10-^. (63) 

As an example of the application of this equation we may mention 
the fact that when mercury vapour is excited by electron bombard- 
ment it emits light of wavelength 2536*7 A at the critical potential 
of 4'9 volts mentioned above (b.). Introducing the value 

A = 2*5367 X 10-6 cms. 

in equation (83) we find 

<li — 4*87 volts 

in good agreement with the value found directly. 

Conversely, if mercury vapour is illuminated with light of this 
wavelength it will be excited, and the excited atoms may subse- 
quently produce chemical effects by collision with other particles. 
For example, they are able to dissociate the hydrogen molecule into 
atoms (photo sensitisation). 

It is thus possible to obtain information about the energy relations 
of atoms from spectrum observations, and this is particularly 
important because thewavelengths of spectrum lines can be measured 
with an accuracy far exceeding that of most other physical measure- 
ments. 

The visible spectrum extends roughly from 4,000 — 8,000A, 
which according to equation (63) corresponds to potentials between 
3 and 1*5 volts. Ultra-violet radiation goes down to wavelengths 
of about lOOA, and infra-red radiation up to Wavelengths of about 
10“A, corresponding respectively to higher and lower potentials. 
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The spectra of higher atoms have a more complicated structure 
than that of the hydrogen atom, but the same fundamental ideas 
can be applied. The most simple spectra are the so-called spark 
spectra of light atoms like helium and lithium, in which the emission 
is due to the quantised transition of a single electron relative to a 
multiply charged nucleus. 

(!) The Relation between Radiation and Molecular Energiei. A 

molecule has of course the same sources of energy as an atom, but 
as already mentioned in [III. 2. d.] it is also able to accumulate 
energy by the rotation and vibration of the atoms in the molecule. 
The quantity of these forms of energy can only change by quanta, 
and these changes can give rise to the emission or absorption of 
radiation. We should therefore anticipate that molecular spectra 
will exhibit a higher degree of complexity than atomic spectra. 

The rotational energy is given by equation (39), 

If the rotating molecule possesses a permanent electric moment it 
will absorb radiation of frequency given by the general frequency 
equation (47). By combining these two equations we find 

A* 

Iw = Er, — Er, = (n| — n ?), (64) 

involving the approximately correct assumption that the moment 
of inertia J is independent of the frequency of rotation. Since in 
rotational transitions n only changes by one unit, Wj = + 1, 

giving 

with m = 0, 1,2, etc. We thus have for an increase of unity in the 
quantum number 

m 

The rotation spectra of diatomic molecules lie in general in the 
long-wave infra-red. Measurements of these spectra confirm the 
even spacing of the lines demanded by (66), e.g., for HCl we have 
for w- values from 4 to 10 

Av = 6-3 X 10“. 

* Equation (66) then gives for the moment of inertia 
d = 2-64 X 10-‘®. 
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losertii^ tiiis value in the formula for the moment of inertia, 

( 67 ) 

vdime and are the masses of the two atoms and d the distance 
between their centres of gravity in the molecule, we find 

d = 1-28 X 10-». 

The value for the dimensions of the hydrogen chloride molecule 
derived from the rotation spectrum thus agrees with the values for 
molecular dimensions obtained by other methods. 

The vibrational energy of a molecule is in general characterised by 
a higher frequency than the rotational energy, and the corresponding 
spectrum therefore occurs in the short-wave inira-red. If a simultaneous 
change in both rotational and vibrational states takes place in the 
molecule, the frequency of the light emitted will be related to the sum 
of the energy changes by an equation analogous to (47), 

hv = (E", ~ E\) + (£", - E\). (68) 

Since the vibrational energy E„ is considerably greater than the rota- 
tional energy E„ the spectrum will consist of a series of bands, each 
band corresponding to a definite difference E'\ — E\, while the 
changes in rotational energy appear in each band as a “ fine structure.” 
The rotational spectrum is thus in a sense projected into a shorter 
wave region of the infra-red, which from an experimental point of view 
makes it more accessible than the pure rotational spectrum. 

Analogous considerations apply to the spectrum which is produced 
by simultaneous changes in the rotational, vibrational and electronic 
energies, and we con write 

hv = (E", - E',) + {E'\ - E'r) + (E'\ - E',), ( 69 ) 

where the last term is the energy corresponding to an electronic transi- 
tion. The spectrum will then consist of a number of band-systems. 
The position of each system in the spectrum is determined by £„ the 
position of the single bands in the system by E„ and finally the line 
structure of each band by Er. The electronic energy B, is of the same 
order of magnitude as the electronic energies in atomic spectra. 

(k) Energy and Heat of Diasooiation. If a diatomic molecule 
acquires increasing quantities of vibrational energy, it will reach a 
state in which the amplitude of vibration has become so great that 
dissociation occurs. The energy necessary for this can be calculated 
from molecular spectra by means of the quantum theory. 

A harmonic oscillator obeys equation (36), where v is the constant 
frequency. With increasing quantum number n an actual oscillator 
will in general deviate from simple harmonic motion. This means 
that V is not constant, but con be written 

V = Vg -f- ««, 


(70) 
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giving for the energy 

E = nAv = + *»), (71) 

and for the energy increase in passing from » to n + 1, 

AE = Avfl + *A(2» + !)• (72) 

Since a is in general negative, the energy increase produced by 
a charge An = I will decrease with increasing value of n. In practice 
it is found that the energy levels converge to a definite limiting 
value. When this value is reached any further increase of energy 
brings about separation of the two atoms, so that the convergence 
energy and the dissociation energy are equal. 

According to equation (47), the convergence energy corresponds 
to a definite convergence frequency, which (as for the ionisation 
energy of atoms (e.) ) can be determined from the spectrum as the 
limit of a series, or as the point at which the continuous spectrum 
begins. The dissociation energy in electron-volts can be obtained 
by inserting the appropriate wavelength in equation (63). 

Thus, for example, the convergence of the lines in the absorption 
spectrum of molecular iodine at A = 4996A gives for the dissocia- 
tion energy i/i = 2-48 volts, corresponding to 57,200 cals, per mole. 

Actually, however, this absorption spectrum is not caused by 
the dissociation of normal iodine molecules, but of iodine molecules 
in an excited state. The above value must therefore be dhooinished 
by the excitation energy, 22,600 cals., giving 34,600 cals, as the 
dissociation energy of the normal molecules. This agrees with the 
value previously calculated from equation VI. (35), showing that 
the spectrum method is applicable to afiSnity measurements. 

The table below gives the heats of dissociation of various diatomic 
molecules calculated by analogous methods. 


Table III. Heats of Dissociation 



100000 

Ns 

207500 

Os 

117400 

C/s 

56900 

Brg 

45200 

h 

34600 

HI 

66000 

NO 

157000 


In oases where values are available from direct calorimetric measure- 
ments or thermodynamic calculations, they are generally in good 




AFFINITY 


agreement with the spectrosoopio values. For example, the heat 
of dissooiation of hydrogen has been determined by various methods 
(including the direct union of atomic hydrogen, which is fairly 
stable), giving values close to 100,000 cals. The optical methods 
have, however, considerable advantages in simplicity and accuracy. 
In principle the energy change in any chemical reaction whatever 
can be determined spectroscopically, since the energy change in 
any process is equal to the difierence between the dissociation 
energies of the two systems taking part. 



CHAPTER XI 

SURFACE AND COLLOID CHEMISTRY 

It has already been mentioned [II. 2. a.] that the surface of a 
solid or liquid phase, or the boundary between two phases, has 
properties differing from those relating to the interior of the phases. 
In general, however, physico-chemical equilibria can be treated 
without taking this fact into account, since the surface usually 
constitutes so small a proportion of the whole system that the 
deviations due to its presence are insignificant. If the magnitude 
of the surface increases relative to that of the whole system, its 
properties will of course become of increasing importance for the 
system as a whole. If the surface is relatively very large (as in 
porous substances), or if we are dealing with very small quantities 
of substance in a large volume, then surface phenomena can play a 
predominant part. The section of physical chemistry dealing with 
these phenomena is termed surface chemistry. 

A surface of relatively large extent can be obtained by fine sub- 
division of one of the phases of the system. For example, by 
shaking together two liquids it is often possible to produce systems 
in which fine drops of one liquid are suspended in the other, thus 
producing a very large surface between the suspended drops and 
the surrounding medium. The treatment of such systems thus 
constitutes a branch of surface chemistry. On the other hand, the 
large surface is associated with the presence of particles which are 
capable of free existence and motion and in many respects can be 
regarded as large molecules. A large number of special properties 
and phenomena depend upon this fact, and since such systems 
occur very frequently both naturally and artificially, it is convenient 
to treat them as a special division of the subject under the name of 
colloid chemistry. It is, however, clear that there can be no sharp 
division between surface chemistry on the one hand and colloid 
chemistry on the other. 

1. Surface Chemistry 

We have previously touched on the phenomena of surface 
chemistry in connection with the thermodynamic treatment of 
pure liquids. In the present section we shall consider the laws for 
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the suifaoe oomposition and surface tension in systems of several 
oomponenta, though out of the many types of possible equilibria 
we ^aJl <Miiy consider a few which are particularly simple or parti- 
cularly important. 

(a) 1%e Adsorption ol Gases. If a solid is brought into contact 
wi^ a gas, molecules of the gas will in general be held fast on the 
surface of the solid. This phenomenon shows that there must be 
attractive forces between the molecules of the solid and those of 
the gas, and if the extent of the adsorption is great these forces must 
be greater than the forces between two molecules of the gas in 
ooihbact. In general, the forces which bring about adsorption may 
be regarded as identical with the ordinary van der Waals’ oohesional 
foroeB, which are also efiective between like molecules and are 
responsible for the simple condensation phenomena. In many 
cases, however, the attraction is of a more intimate nature and 
must be ascribed to chemical “ valency forces.” 

Since adsorption is a phenomenon characteristic of surfaces or 
interfaces, it occurs to a marked degree with porous substances 
with a large surface, of which a large number are known. Among 
the adsorbing substances or adsorbents in common use we may 
mention various forms of carbon, such as charcoal and animal 
charcoal, and silicic acid or aluminium hydroxide in a partially 
hydrated state. The relative surface area of these substances may 
reach very high values, e.g., varieties of charcoal are known having 
a surface of about 1,000 sq. metres per gram. As regards the part 
played by the adsorbed substance, or the adsorbate, it is in general 
true that gases which are readily condensible are adsorbed to a 
greater extent than gases which are difiBcult to liquefy. There are, 
however, many exceptions to this rule, since when the adsorption 
depends upon chemical forces the individual chemical aSBnities will 
become important. For example, gases like oxygen and carbon 
monoxide are often strongly jid^rbed by metal surfaces. Further, 
the nature of the surface of the adsorbent is of importance ; thus 
water vapour is adsorbed to a greater extent on a corroded glass 
surface than on a fresh one. 

In its simplest form the phenomenon of adsorption is charac-. 
terised by the establishment of a reversible equilibrium state, the 
adsorption equilibrium, in which under given conditions the amount 
of gas adsorbed increases and decreases continuously with the 
pressure. This equilibrium is generally set up rapidly. In excep- 
tional cases an equilibriiun is set up slowly, and this indicates as a 
rule that the gas molecules are passing into the interior of the 
Adsorbent, in which case the phenomenon is more generally described 
.as sorption. The adsorption equilibrium wiU of course depend upon 
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the temperature and the pressure (in addition to the chemical and 
physical nature of the substances concerned), and one of the most 
important problems in surface chemistry is to establish the laws 
governing this dependence. 

The first requisite is a basis on which to define the amount 
adsorbed in a given case. In dealing with the adsorption of gases 
this does not in general involve any difficulty, since either the 
increase in the weight of the adsorbent or the decrease in the jaessure 
of the gas when the equilibrium is set up can be used directly to 
determine the adsorption equilibrium. For a given quantity of 
adsorbent of given composition and structure, the amount adsorbed 
at equilibrium at a given temperature will depend upon the pressure 
or concentration of the gas. The equation relating the amount 
adsorbed y to the equilibrium concentration c is known as the 
adaorplion isotherm. In many cases it assumes the form 

( 1 ) 

where f' and v are constants depending on the nature of the 
substances. This equation is shown graphically in Pig. 1, and is 



commonly known as the Freundlich adsorption isotherm. The 
exponent v is a proper fraction (generally greater than 0-2), so that 
the amount adsorbed increases with increasing pressure, bqt is not 
directly proportional to it. In this respect there is a sharp distinction 
between the phenomena of adsorption and absorption. The 
Freundlich equation is, however, only valid over a fairly limited 
pressure range, and in particular it must fail when the pressure is 
very small. 

For a given equilibrium concentration, the amount of substance 
« adsorbed y is of course proportional to the extent of the adsorbing 
surface. In characterising the adsorption equilibrium it would 
therefore be rational to calculate y as the amount of adsorbate per 
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unit area of surface. As a rule, however, this calculation is not 
possible, since to obtain an adsorption which can he easily measured 
it is necessary to use porous materials having a surface per unit area 
which is very large but generally unknown. In such cases y is 
defined as the amount adsorbed per unit mass of adsorbent, and to 
obtain comparable figures it is of course necessary that the adsorbing 
material shall be uniform throughout. 

In those cases where measurements have been carried out with 
a surface of known extent it has been found that the amount 
adsorbed often corresponds to a single layer of molecules of the 
adsorbate on the surface of the adsorbent. In the case of a “ uni- 
molecular ” layer of this kind kinetic considerations make it 
possible to derive an equation having more theoretical foundation 
than the empirical Freundlich adsorption isotherm. We assume 
that each square centimetre of the surface can accommodate a 
maximum number of gas molecules Ug, so that we can imagine unit 
area as containing places on which a gas molecule can be attached. 
It is further assumed that the probability (averaged over a period 
of time) that the collision of a gas molecule with the surface results 
in adsorption is proportional to the concentration of gas molecules 
and also to the number of vacant places per unit area. The velocity 
of condensation in the equilibrium state can then be written in the 
form 

A/j A.j(ttg — tt)c 

where n is the number of places per unit area occupied by adsorbed 
molecules, c the concentration in the gas phase, and a constant 
depending on the temperature and the nature of the substances 
concerned. If it is now assumed that the probability of evaporation 
(or desorption) of a molecule from the surface is proportional to the 
number of adsorbed molecules, the desorption velocity can be 
written as 

Aj = k^. 

At equilibrium ki and k^ must be equal, so that 

*i(mo — (2) 

If we introduce the “ degree of saturation ” 



and also write 
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we obtain the following equation, 


a = 


c 

c-\- K 


( 4 ) 


In this equation, which is known as Langmuir’s isotherm, the 
concentration can of course be replaced by the pressure without 
affecting the form of the equation. According to equation (1), the 
adsorption curve should be horizontal at c = 0 and the adsorption 
should increase without limit as the concentration of the adsorbate 
increases. According to equation (4), on the other hand, for small 
values of c the amount adsorbed should be proportional to the 
concentration, and at higJi concentrations Jt should approach 
asympotically to a .saturation value, corresponding to complete 
covering of the surface of the adsorbent by a unimolecular layer. 
Increase of temperature will lead to an increase in (as for the 
velocity of vaporisation) and presumably a decrease in k^. The 
amount adsorbed according to equation (4) -will hence be smaller 
at higher temperatures, in agreement with experiment. Over a 
certain intermediate concentration interval there will not be much 
difference between the predictions of equations (1) and (4), so that 
the experimental material used to verify equation (1) can in many 
cases be used equally w'ell to verify equation (4). 

The linear relation between a and c for small concentrations is 
equivalent to applying Henry’s law to adsorption equilibria. Over 
a larger concentration range it is simpler in graphical treatment to 
use a/(l — oc) in place of a, since equation (4) shows that there is a 
linear relation between the former and c over the whole concentration 
range. 

If we now introduce equation IV. (12), it follows that the chemical 
potential of an adsorbate following Langmuir’s equation can be 
written in the form 


^ 1 — a 


+ f^O.6' 


where the last term is the potential for a = 0-6, i.e., for half- 
saturation. 

Equation (4) is based on the assumption that a unimolecular 
layer of adsorbed gas molecules is formed on the surface of the 
solid. This assumption is not unreasonable in view of the well- 
founded belief that the range of intermolecular attractions is 
extremely short. Thus it may well be supposed that the solid 
surface can hold those gas molecules with which it is in direct 
contact, but not those which are distant one molecular diameter 
from the surface. On the other hand, it is not out of the question 
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f may be efiective over somewhat larger distances, 

W pt^Wiudiiicm of the adsorbed molecules. In this way several, 
hytm of omleeulfis may be adsorbed, though less firmly, and the 
■S® deviate from the adsorption isotherm (4) derived above. 

' In order to calculate the pressure change which can be produced 
by the adsorption of a unimoleoular layer of gas molecules, we 
sWl imagine that the adsorption takes place on the six faces of a 
cube with sides I cm , filled with gas at a pressure of one atmosphere. 
Tbe total number of molecules present at ordinary temperatures is 
easily calculated from Avogadro’s number to be about 3 X 10”. ' 
If the molecular diameter is 3 X 10"* cm., a tightly packed uni- 
molecular layer will contain about 10'“ molecules per sq. cm., so 
that there are about 6 X 10'“ molecules on all six faces. The 
fraction adsorbed is thus 2 x 10~*, which is only just measurable. 
On account of the form of the adsorption isotherm, conditions will 
be more favourable to experimental measurement at lower pressures. 


but these figures show clearly that in general accurate measurements 
on adsorption phenomena can only be earned out by using porous 
adsorbents with a very much greater surface. 

In certain cases, e.ff,, when water vapour is held by a glass surface, 
the amount retained is easily measured by weighing. If the thickness 
of the layer is calculated it is found to be many times greater than 


that of a unimolecular layer As already mentioned, it is assumed 
in such cases that we are dealing with a sorption phenomenon, and 
that the molecules of the vapour pass into the interior of the glass. 

As stated above, an mcrease of temperature will decrease the 
adsorption. It hence follows that the decrease in adsorption is 
accompanied by an evolution of heat, since equation II. (49), 
derived for the ordinary vaporisation process, must also be applicable 
in the present case. The heal of adsorption can be determined either 
by direct calorimetric measurements, or by applying this equation 
to the experimental adsorption isotherm at different temperatures. 
In cases where adsorption involves the formation of a definite 


chemical link, the heat of adsorption can reach very considerable 
values. For example, when carbon monoxide is adsorbed on copper 
there is a heat evolution of 30,000 cals, per gram molecule. 

In agreement with this temperature dependence, the phenomenon 
of adsorption is particularly prominent at low temperatures. Thus 
by using porous forms of carbon (blood charcoal, coconut charcoal) 
cooled in liquid air it is possible to produce extremely high vacua. 

(b) Adsorption in Solution. On the basis of Henry’s law for tbp 
distribution of a substance between a gaseous and a liquid phase, it 
seems reasonable to assume that the laws valid for the adsorption 
of gases will also be valid in a general way when the substance 



XI 1 SURFACE CHEMI^EY 

Adsorbed )8 present in solution It should, however, be noted tihsi 
the solvent itself will generally be adsorbed on the surface of 
adsorbent, so that conditions are not so simple fca^ adsorpticHi froti^ 
solution as they are for gaseous adsorption It must be supposed 
that the surface of the adsorbent is completely covered by solvent 
molecules, so that the solute has not free access to the surface as 
in gaseous adsorption However, as long as the solution is dilute 
(and the concentration and activity of the solvent thus practically 
constant) we shall not expect that this will lead to any change in 
the form of the adsorption isotherm, since the presence of the solvent 
can be regarded as a constant factor tending to prevent adsorption 
of the solute It has m fact been found that the Freundhch adsorp- 
tion equation is in general 
applicable to solutions, at 
least over a certain concentra- 
tion range Langmuir’s equa- 
tion has been verified to a 
smaller extent for solutions 
this is partly because the con 
dition of ummolecular adsorp- 
tion IS leas often fulfilled for 
solutions than for gases, so 
that in many cases it is 
necessary to assume that quite 
thick adsorbed layers can be 
formed from solutions More- 
over, the other conditions on 
which Langmuir’s equation is 
fulfilled in solutions 

Fig 2 shows graphically some adsorption data in solutions The 
graph represents equation (1) in the loganthimc form 

log y = r log c -I- log fc (6) 

where y is the number of millimoles adsorbed by 1 gram of adsorbent, 
and c 18 the concentration m moles per litre The substances 
represented in the five curves are 



Adfiurlatf 

Solvent 

Adsorbent 

1 . 

Bromine 

Water 

Blood charcoal. 

2 

Isoamyl alcohol 

Water 

Blood charcoal. 

3 

Succinic acid 

Watei 

Blood charcoal. 

4 

Benzoic acid 

Benzene 

Blood charcoal. 

6 

Picric acid 

Ethyl alcohol 

Silk 



based are not generally strictly 
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The validity of (6) is shown by the linear relation found to exist 
between log y and log c. The exponent v of the Freundhch equation 
is found from the slope of the various straight lines. For a large 
number of solutes and adsorbents of various kinds r is found to 
have values between 0-3 and 0-5. 

As might be expected, the value of the quantity k, which chiefly 
determines the adsorption, varies greatly with the chemical nature 
of the substances taking part in the eqmhbrium, including the 
solvent. In adsorption from solutions the solubihty of the adsorbate 
plays a similar role to the volatihty in gas adsorption This fact 
emerges most clearly by considering the effect of the solvent on the 
adsorption of a given adsorbate by a given adsorbent It is found 
as a rule that the amount adsorbed increases with decreasing 
solubility of the adsorbate in the medium in question, or, in other 
words, with increasing values of the absolute activity coeflSoient. 
If matters were not complicated by simultaneous adsorption of 
the solvent this rule (and the related rule that v should be indepen- 
dent of the solvent) would be stnctly deducible on a thermod 3 Tiamic 
basis. 

It is also possible to relate the extent of adsorption to the effect 
of the adsorbate on the surface tension at the interface between the 
adsorbent and the solvent, as described under (c) 

If we compare the adsorption of gaseous and dissolved substances 
upon a given adsorbent, it is found in general that for the same value 
of c the amount adsorbed is much greater for gaseous than for dissolved 
substances. This is partly due to the circumstance mentioned above 
that the adsorbent in a solution is protected by adsorption of solvent 
molecules. Further, as m any heterogeneous equilibrium (e g., simple 
solubility equilibria) a determimng factor is the absolute activity 
coefficient of the solute, which is normally smaller for dissolved than for 
gaseous substances. If this is the case the two effects remforce ono 
another. 

As regards the adsorbing properties of different adsorbents, for the 
reasons mentioned above it is not generally possible to make a rational 
comparison on the basis of quantity adsorbed per unit area The order 
of increasmg adsorption for a senes of adsorbates is often independent 
of the adsorbent, so that it is to a certain extent permissible to charac- 
terise the single adsorbents and adsorbates independent of the particular 
way in which they are combined. However, this rule is only approxi- 
mate owmg to the specific effects already mentioned. 

So far we have been dealing chiefly with non-electrolytes or weak 
electrolytes. Strong electrolytes also as a rule obey the Freundlioh 
adsorption isotherm approximately, but the exponent v is as a rule 
considerably smaller than in the case of non -electrolytes, values 
between OT and 0-2 being not uncommon The absolute adsorption 
is also small for typical strong electrolytes unless they contain a 
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large organic ion, aa is the case for many dyestufFs A substance 
like crystal violet, [C{CgHtNMe^)^]Cl, is adsorbed to a very marked 
extent, so that an aqueous solution of it will undergo a readily 
detectable change in concentration merely on coming into contact 
with a glass surface 

By comparing salts with a common cation or a common anion, 
the order of adsorption for different anions or cations respectively 
can be determined Using charcoal as adsorbent, the following 
senes have been found, in which the ions are arranged in order of 
decreasing adsorption tendency, 

OH-, ONS-, NO3-, /O3-, Br-, Cl-, 80 ^ 
and 

Ca+, NH^+, Rb+, K+, Na+. 

Some special features in the adsorption of salts depend upon the 
fact that the ions of a salt will in general have different adsorption 
tendencies, while on the other hand the actual amounts of the ions 
adsorbed cannot deviate from equivalence to a measurable extent. 
This causes the adsorption of salts to be accompanied by the 
formation of an electric double layer, as is in general produced 
when 10ns are distributed between two phases This phenomenon 
IS of great importance m colloid chemistry Further, the adsorption 
will be subject to the ordinary mass action effects in the presence of 
common 10ns There may also be changes in the acidity of the solu- 
tion on the addition of aprotic salts e jr , if the cation is adsoibed 
more strongly than the amon the hydroxyl ions from the water 
will to some extent replace the amon of the salt in the adsorbate 
and the hquid will acquire an acid reaction Conversely, an alkahne 
reaction will be produced if the anion of the salt is more strongly 
adsorbed than the cation 

If the solution contains several salts an adsoiption equilibrium will 
be set up in which the quantities of the 10ns adsorbed will depend upon 
the activities of all the lon.s present in the solution and upon the specific 
tendencies to adsorption This displacement equilibrium ” is a 
general adsorption phenomenon and is of practical importance in the 
use of the so called “ adsorption indicators ” In this case one of 
adsorbed substances is coloured, and small changes in the ionic concen- 
trations in the solution can bring about adsorption or desorption of this 
coloured substance, accompanied by striking colour changes This 
type of equilibrium is particularly simple when the total quantity of 
ions associated with a given quantity of adsorbent remains constant, 
when a change in the salt-concentrations will only lead to ionic exchange. 
The most important example of this is met with in the so-called 
permuMes. 

Ordinary permutite is a double silicate of aluminium and either 
sodium or potassium, havmg a porous structure. If it is treated with 
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solutions containing other cations these exchange readily with the 
alkcdi metal ions without affecting the structure or outer form Of the 
substance. We may picture the permutite as consisting of a rigid 
anion skeleton with which are associated mobile cations. Since the 
ohaige on the skeleton is constant for a given amount of substance, the 
number of mobile equivalents of metal is also fixed. 

If, for example, sodium permutite is treated with a solution of silver 
nitrate the sodium ions in the permutite will be partly displaced by 
silver ions, and an adsorption equilibrium will be set up in which both 
ions are present in the solution and in the solid phase. The equilibrium 
cohditions can be derived by considerations similar to those used in 
deriving equation (4). If the concentrations of the two ions in solution 
are Cl and c, and the quantities of the ions in the permutite «i and 
then the velocity of condensation of sodium ions can be written 

ill' = = Aj", (6) 


since we may assume that it is proportional to Ci and to the number 
of places on the adsorbing silicate skeleton which are not occupied by 
Na. This condensation velocity must be equal to the desorption 
velocity of the silver ions, iij", since the process is an ionic exchange. 
Analogously we have 

/ii — ~ 1 , (7) 


whence for equilibrium 


”2 C, 


( 8 ) 


where A is a constant. 

This simple equation has in some cases been confirmed by investiga- 
tions of ionic exchange in permutite systems, but in most cases there 
are deviations, showing that the assumptions on which the derivation 
of (8) is based are not justified. This equation may also be regaidetl 
as a consequence of the distribution law V. {31), the permutite repre- 
senting a phase in which the two ions are present as an iileal mixture, 
I’.e., with activity coefficients which are independent of the composition. 
However, on account of the small distances between the ions in pormu- 
tite we can hardly expect these ideal conditions to be satisfied in 
general, and it is therefore not surprising that deviations from equa- 
tion (8) are met with in practice. 


(c) The Thermodynamici of Interfaces. Gibbs’ Adsorption 

Egnation. The term adsorption has so far been used to describe 
tihe accumulation of matter which in many cases takes place to a 
striking extent at the interface between a solid adsorbent and a 
gas or a solution. Equilibria of this kind have been particularly 
important in the development of surface chemistry because they, are 
most readily studied experimentally and hence have been much 
investigated. However, the term adsorption is also used to 
include a more general phenomenon, namely the fact that the 
composition of the interior of a phase differs from the composition 
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of its Burfaces or interfaces. The cases so far treated deal with the 
aecumiilation of matter, or positive adsorption, but in dealing with 
the ntoie general phenomenon we must anticipate also the occurrence 
of negative adsorption, i.e., a decrease in the concentration of 
substance at the interface. These various possibilities are related 
thermodynamically to the surface tension and its variation with 
concentration, and it is therefore desirable to consider the theoretical 
treatment of fluid systems in which the surface tension can be 
measured directly, although an accurate measurement of the actual 
adsorption in such systems is often difiBcult. 

It has been already pointed out that the briundary between two 
phases (or between a phase and a vacuum) is not a sharp one, but 
that there exists a boundary layer in which the composition and 
properties of the system change continuously in the direction at 
right angles to the surface. The part of the system containing this 
layer will be referred to as the boundary phase, or capillary phase ; 
it should, however, be noted that we have not yet fixed the limits 
of the boundary phase, and that the meaning of the word phase in 
this connection differs from that employed in the phase rule [IV. 6], 
where a phase was assumed to be homogeneous and of indefinite 
extent. In the boundary phase between two incompletely miscible 
liquids the continuous concentration change is due to the unsym- 
metrical environment of the molecules m the layer, and is only 
present because the thickness of this layer is of the same order of 
magnitude as the range of the forces of intermoleoular attraction. 
In order to distinguish the boundary phases from the homogeneous 
phases between which they are formed, we shall term the latter 
macro-phases or bulk phases. 

In order to arrive at a definition of the composition of a tjoundary 
phase it is necessary to define the limits which divide it from the 
surrounding homogeneous bulk phases. Since the transition 
between these phases is continuous, there is no natural boundary 
to the capillary phase, and it is not possible to define logically either 
the thickness of this phase or its concentration (in the ordinary 
sense of the word). If however wc confine ourselves to a qualitative 
treatment of the question, without demanding any quantitative 
definitions, then it is possible to compare concentrations without 
ambiguity. For example, if a capillary phase is said to contain 
relatively more of a component Ej than a given bulk phase, this 
statement will bo independent of the position arbitrarily chosen 
for the boundary between the capillary phase and the bulk phase 
in question. On this basis it is possible to speak of the composi- 
tion ” or “ concentration ” of a capillary phase, and these concepts 
are sufficiently well defined to lead to a qualitative formulation of 
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the above-mentioned thermodynamic relation between the surface 
tensicm and the concentration. 

In order to derive this relation we will begin by considering a 
binary liquid mixture having a surface tension y, which will of course 
Vary continuously with the composition of the liquid. We may 
also assume that the composition of the capillary phase at the 
surface will in general difier from the composition in the interior 
of the liquid. We will suppose that the relation between the surface 
tension and the composition of the bulk of the liquid is represented 
by the curve y^Myi in Fig. 3, where the ordinates represent surface 
tensions and the abscissae compositions, expressed as the mole 
fraction x. 

In order to determine the composition of the boundary phase, ve 
imagine a certain quantity of liquid spread out in a thin film, so 

that the contracting force due 
to surface tension is balanced 
by external forces. In contrast 
to the case of a pure liquid, a 
change in the extent of the sur- 
face will alter the surface tension, 
since it alters the composition 
of the liquid. By an argument 
closely resembling that pre- 
viously used for the liquid- 
vapour equilibrium [IV. 3. g.], 
it is easily seen that the equili- 
brium will only be stable if an 
increase of the surface is accom- 
panied by an increase in the 
contracting force, i.B., anincrease 
"*1 in the surface tension. However, 

Fig. 3. according to the figure an increase 

in the surface tension is equiva- 
lent to an increase in the concentration of component in the sur- 
face, and since this increase is brought about by an increase of surface 
(i.e., the conversion of macro-phase to capillary phase), the macro- 
phase must contain relatively more Kj than the capillary phase. 
Since the compositions of the two phases change in the same 
direction, the composition of the mixture transferred must lie 
between the compositions of the liquid and of the surface, and the 
thinner the surface layer chosen, the more closely will the composi- 
tion of the mixture transferred approach that of the surface (cf. the 
considerations of [IV. 3. g.]). The point A'j representing the 
composition of the surface, must therefore lie to the left of point M, 
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representing the composition of the liquid, and similarly the whole 
of the curve must lie to the left of the curve We thus 

arrive at the result that the component the addition of which 
increases the surface tension will be present at a higher concentration 
in the macro-phase than in the cajhllary phase. At a point where 
y is independent of the concentration (corresponding to a maximum 
or a minimum in the y-ar-curve) the compositions of the macro- 
phase and the capillary phase inu.st he identical. These rules are 
analogous to Konowalow’s rule for the liquid-vapour equilibrium, 
and are a qualitative expression of Cibbs’ adsorption equation. 

From the point of view of molecular theory, this result may be 
interpreted as follows. Suptxjse we add a sohite to a given solvent, 
and that in the mixture the solute molecules are surrounded by a 
stronger attractive field than the solvent molecules. The presence 
of some of these solute molecules in the surface will increase the 
surface tension, since we liave 
seen [III. 2. e.] that the sur- 
face tension Ls determined 
by intermolecular attractions. 

The stronger attractive field 
will also tend to draw the 
solute molecules out of- the 
surface into the bulk of the 
liquid. This tendency is 
opposed by the thermal agita- 
tion of the molecules, and wo 
shall therefore have an equili- 
brium state in which the in- 
crease of surface tension is 
accompanied by a smaller 
relative concentration of 
solute in the surface. 

Solutes which increase the surface, tension of a solvent are often 
termed capillary inactive, while those which decrease the surface 
tension are termed capillary active. This terminology depends 
upon the fact that an increase of y is only possible to a limited 
extent, since molecules tending to produce such an increase will be 
drawn away from the surface : on the other hand, large decreases 
in y are possible, since molecules producing such a decrease will 
accumulate in the surface, where they are able to produce an 
effect. As a typical illustration of this effect we may cite the curve, 
for the surface tension of mixtures of water and acetic acid, shown 
in Fig. 4. 

In order to obtain a quantitative expression for this qualitative 
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relation it is first necessary to formnlate the general themodynamio 
equationa in such a way as to take into account the surface energy. 
Thus in equation I. (40) no account is taken of energy changes caused 
by an increase of surface. Since the increase of surface energy is 
yd/a, the complete energy equation for a liquid and its surface 


should be written 

AE = TdS — pdo + ydo + Sfiidni . (9) 

and the relations for the other thermodynamic functions in I. (44) 
must be correspondingly modified. Thus for the G-function we have 

rlG = — SdT 4 - vdp ydo + Sf^idni. ( 10 ) 

Integration of this equation at constant T, p, y and p. gives 

G = 70 fi'/iiiii, (11) 

whence by complete differentiation 

dG = ydo ody -|- Spidrii -f" Sn^dpi. (12) 

By combining this equation with (10) we obtain 

SdT — vdp 0dy Snidpi = 0, (13) 

and finally at constant temperature and pressure, 

ody 4 j^Pidui = 0. (14) 


Equation (14) can be applied to any liquid mixture bounded by 
a surface, and hence to an arbitrary amount ot the capillary phase. 
If the mixture is binary it assumes the form 

ody + nidpi 4 - ihdpi = 0, (15) 

while for the corresponding bulk phase the ordinary Gibbs-Duhem 
equation IV. (48), 

^ Uj dpi 4” /i2(fjU2 = 0, (16) 

must hold. At equilibrium the chemical potentials and their 
Variation with transfer of substance or change of surface must be 
the same throughout the system. The general equilibrium condition 
is therefore obtained by multiplying (16) by an arbitrary number x 
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and adding it to (15), giving 

ady -f- (m — xn’i) 4 /, + ~ xn'i) dfi^ = 0. (17) 


If now X is chosen so that = xn^’, (17) reduces to 


_ -'t-n'i — ni 
4*1 o 


(18) 


which is the Gibbs’ adsorption equation in the form applicable to the 
surface of a single liquid phase. 

The quantities involved in equation (18) are completely defined 
in its derivation, but will be further explained for the sake of 
clarity, dy is the change in the surface tension of a binary mixture 
caused by a change dfi^ in the chemical potential of the first compo- 
nent. This change can be caused either by a change in the 
absolute amounts of the two components, or by the conversion of 
macro-phase to capillary phase (or rice versa), xn^' and Wi are the 
quantities of the first component preiient in the macro-phase and 
the capillary phase respectively, together with an arbitrary amount 

of the second component, a is the area of the surface. For a 
given surface and a given composition it can easily be shown 
that the difference xn^' — Bj is independent of Bj, the quantity of 
the second component taken. In the first place a change in the 
amount of at constant surface will transfer equal quantities of 
Xj to the macro-phase and to the capillary phase, so that the 
difference between these quantities must remain constant. In the 
second place, the left-hand side of equation (18) contains only 
intensive quantities and must therefore be independent of the 
arbitrary amount of phase taken ; hence the difference rBj — Wj 
on the right-hand side of the equation must also be independent of 
the amount of Xj, This result is of considerable importance in 
surface chemistry, since it shows that in spite of the inapplicability 
of the usual concept of concentration, there exists a completely 
defined measure of the composition of a capillary phase relative to that 
of the bulk phase. 

In agreement with the terminology previously used, the difference 
n, — xnf is termed the quantity of the substance K, adsorbed by 
the surface a. The difference per sq. cm. 


m — xn'i 
0 

is termed the surface density, or “ surface concentration,” of the 
substance Since it is a quantity of substance divided by an 
area, it is clearly not a concentration in the ordinary sense of the 
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word. As already mentioned, the adsorption can be either positive 
or negative. It is easily seen that equation (18) agrees with the 
qualitative formulation of the law already given. 

If the surface density is written as U, ( 1 8) assumes the simple form 


dy 
(if 1 1 


= — r. 


(19) 


If we further assume that the bulk phase is so dilute with respect 
to ATj that the gas laws are applicable, this equation can be written 
in the form 


i/- = —RTr. ( 20 ) 

dine 

As appears from its derivation, (18) applies to the surface of a 
liquid phase which is in equilibrium with a vacuum, or with a 
vapour phase which is so dilute that it can play no appreciable part 
in building up the capillary phase. If on the other hand the interface 
divides two phases of comparable density {e.g., two liquid phases, 
or a liquid phase and a vapour phase with a high equihbrium 
pressure), then (18) is no longer valid. This follows from the fact 
that it only contains quantities referring to the capillary phase 
and to one liquid phase, while in the case of a system consisting of 
two partially miscible layers considerations of symmetry demand 
that the properties of both layers shall be equally represented in 
the equation. 

If we now consider the equilibrium between two incompletely 
miscible liquids, it is clear from the previous treatment [IV. 3. i.] 
that at constant temperature and pressure the nature of the two 
components will determine not only the compositions of the two 
layers but also the properties of the interphase. An increase of 
surface will therefore cause no change whatever in the concentra- 
tions or the surface tension, in contrast to the case dealt with above. 
When the surface is increased, with a consequent conversion of the 
bulk phases to capillary phase, the two liquid layers will contribute 
to building up the capillary phase in a ratio which is completely 
determined once the arbitrary boundaries of the capillary phase 
have been fixed. If these boundaries are chosen so that the amounts 
of the two components in the capillary phase are rtj and n^, while 
the corresponding amounts in the two macro-phases are n^', Wj' and 
nj", nj", then it will always be possible to find two numbers x' and 
x", so that 

x'rii + x"n^' = Wi,) 
x'n^ + x"n{' = Wj,[ 


( 21 ) 
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showing that the capillary phase can be obtained by mixing x' of 
the first macro-phase and x" of the second macro-phase. One of 
these two numbers may be negative. 

Since the properties of a two-phase two -component system are 
thus invariant, a relation corresponding to equation (18) can only 
be obtained in such systems if a third component is present. If 
»i, and Wj are the molecular amounts of the components Aj, Aj 
and Z 3 in the capillary phase, and n/, n^’, n^’ ; n^'', n^", ?i 3 "’the 
corresponding molecular quantities in the two macro-phases, then 
appUcation of (14) and IV. (49) gives the following eqn4ions, 
analogous to those already obtained, 

ady -f- /iidjUi -f- mdui -f n-idu^ — 0, (22) 

n'ldfxt -I- n'idiii + n’idit^ 0, (23) 

Jil'd/ri -f n^djti -f n'id^ii= 0. (24) 

If (23) and (24) are multiplied respectively by x' and and the 
resulting equations subtracted from ( 22 ), wo obtain 

ady -I- [ill — (.v'n'i + .r"/)')')] dfn j 

+ [«2 — (-i-'ni -I- dih, ----- 0, ' (25) 

-t- [«3 — {x'n'i -f .t;"n3)] <("3 i 

If now the arbitrary numbers x' and x" are chosen in such a way 
that ( 21 ) holds for the components and Aj, then we have 

i!'/! (-r’''! + x"ri{) — til , ( 26 ) 

dfj.\ o 

This equation is exactly analogous to equation (18), and in 
particular the significance of the quantity in brackets on the right- 
hand side is exactly analogotis to the significance of the term xn^ 
in (18), The quantities and x'n^ -f x"n^' repre.sent the amounts 
of Ai associated with the amounts nJK^ and in the capillary 
phase and the macro-phases respectively. By analogy with the 
preceding case — (x'ni -|- can be termed the amount of 

Ai adsorbed, and the quantity 

"i -- + x"n^' ) ^ ^ 

is termed the surface density or surface concentration. On intro- 
ducing the last expression (26) assumes the same form as (19). 
Considerations analogous to those employed in the previous case 



SURFACE AND COLLOID CHEMISTRY 


show tliat this surface density is independent of the boundaries 
chosen f<»^ the capillary phase, and hence independent of x' and x". 
Similarly, if the gas laws are obeyed, (26) can be written as (20). 

All the quantities in (18) and (26) are measurable in principle, 
but the quantity adsorbed is usually very small compared with 
the other quantities involved, and a direct verification of the Gibbs’ 
adsorption equation involves considerable practical difficulties. 

(d) Surface Films. If a small quantity of liquid is added to a 
medium in which the liquid is insoluble, when equilibrium is reached 
the liquid is usually present as a drop, or some other aggregate in 
which the three linear dimensions are of the same order of magnitude. 
This is a consequence of the positive surface tension existing between 
immiscible liquids, resulting in a tendency for the extent of the 
surface to decrease. In certain cases, however, when such an 
experiment is carried out it is found that the added liquid spreads 
out on the surface of the medium as a thin layer of very great area. 
This phenomenon is observed when oleic acid is added to water. It 
may be accounted for by the following considerations. 

The formation of a large interface depends on an attraction 
between the medium and the molecules of the added liquid ; in 
the example cited an attraction between water and the carboxyl 
groups in the oleic sicid molecules. An attraction of this kind will 
normally lead to complete miscibility, but in this case the long 
paraffin chain attached to the carboxyl group is not appreciably 
attracted by the medium, but tends (like the molecules of the higher 
hydrocarbons in general) to form an independent layer on the 
surface of the water. We must therefore imagine the surface film 
formed to be oriented, in the sense that all the molecules point in 
the same direction with the carboxyl groups immersed in the water 
and surrounded by water molecules, while the paraffin chains 
project above the surface of the water. According to this conception 
the film consists of a unimolecular layer. 


Since the film is formed .spontaneoiwly. it must offer a resistance 
to a decrease in area. It is possible to measure thi.s resistance purely 
mechanically by compressing the film by the motion of a surface or 
“ unidimensional ” piston. If the area of the film is plotted against 
the force per unit length acting on the “ piston,” it is found that at a 
certain area there is an abrupt change in the force necessary to cause a 
decrease in area, while both larger and smaller areas correspond to a 
constant force per unit length. This critical area may be interpreted as 
the area into which the molecules in the surface can be packed together 
closely in a unimolecular layer. It is clear that experiments of this 
kind can be used to obtain information about the orientation of the 
molecules and their dimensions (Langmuir). 

Thus if we assume that the molecules are oriented vertically in the 
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film, I, the length of a molecule will be given by 



where o is the quantity of substance in the film, d its density and A the 
area. Further, the volume of a molecule is 

M 

where M is the molecular weight and the Avogadro number. This 
gives for the cross-sectional area of the molecule, t 

_ « _ M A 
/ o’ 

The cross-sections of long-chain fatty acids calculated by this foi-mula 
are found to be independent of the length of the chain, in agreement 
with the hypothesis of vertical orientation. The numerical values 
found are about t — 22 sq. a, corresponding to the reasonable value 
of about 5 A tor the linear dimensions. For the length of the molecule 
we find, e.g., I = ca. 24 A for palmitic acid. 

The rigid orientation which characterises films of this kind gives the 
surface layer mechanical stability and prevents the free movement of 
the molecules. The law of equipartition of energy therefore cannot be 
applied to these molecules taken separately. In other cases the surface 
film has an essentially different structure in which the molecules are 
able to move freely in the surface although thej are oriented. In this 
case each molecule will posseas the usual mean energy ^kT per degree 
of freedom. A film of this kind is termed a gaseous film, and in some 
respects can be considered as a “ two-dimensional gas.” 

If a surface piston is used as described above, it is found in these 
eases that F, the force per unit length on the piston, varies continuously 
with the area, the equation 

FA = kT (27) 

(where A is the area occupied by a molecule in the film) being approxi- 
mately satisfied. This equation is exactly analogous to the ordinary 
equation of state II. (2) for three-dimensional gases. If the energy is 
expressed in ergs k has the value 1-373 X 10“** [III. (14)], so that if 
the area occupied by a molecule is expressed in sq. A, the value of k in 
equation (27) will be A = 1-373. 

It is easily seen that the quantity F in this equation is identical 
with the difference between yo, the surface tension of the pure medium, 
and y, the surface tension of the surface covered by film, *.e., 

F — y, — y- 

Sinoe F is positive, the Gibbs’ adsoiption equation is qualitatively 
confirmed. 

2. Colloid CJhemistey 

(a) The Colloidal State. In the heterogeneous systems with which 
we have so far dealt the single portions of each phase have generally 
been so large that the heterogeneity of the system could be recog- 
nised without difficulty. However, if we consider for example a 
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suspenaion of solid particles in a liquid, it is clear that continued 
subdivision of the solid phase, so that its particles approach “ mole- 
cular dimensions," is equivalent to a gradual transition from a 
heterogeneous to a homogeneous state. We should therefore 
anticipate that there will exist a state intermediate between 
homogeneous and heterogeneous states in which the systems dealt 
with will differ essentially from those which we have So far treated. 
We cannot of course predict a priori whether such systems will be 
sufficiently stable to realise in practice, but experience shows that 
they can in fact be obtained. Systems belonging to this intermediate 
region (referred to as the colloidal state) are of frequent occurrence 
in nature and of considerable importance. 

As explained above, colloidal solutions must be regarded as 
intermediate between coarse suspensions or emulsions on the one 
hand and true solutions on the other. There is no sharp distinction 
between these three classes of systems, but the properties which 
are specially typical of colloidal systems are usually associated 
with particle sizes between 1 and 100p,/x, where Ipp = 10~° mm. = 
lOi. Particles which are much larger than this will be affected by 
gravity, and if they are heavier than the surrounding medium will 
sediment completely in a system at rest. If the particles are much 
smaller than Ififi the system will have the properties of a true solution . 
As might be expected, the properties of colloidal solutions are very 
dependent upon the particle size, approximating in some cases to 
coarse suspensions and in other cases to true solutions. 

The medium in which the colloid is present is generally known 
as the dispersion medium, while the colloid itself is the disperse phase. 
The more finely divided the colloid, the greater its degree of disper- 
sion, which may be defined as the ratio of the surface of the disperse 
phase to its volume. If the particles are spherical and of uniform 
size, the degree of dispersion is obviously inversely proportional to 
the radius of the particles. 

One method of recognising colloidal solutions is by means of 
membranes, which can easily be prepared so as to be impermeable 
to colloids, but permeable to the solvent and solutes of ordinary 
molecular size. Colloids can therefore be separated from substances 
with a higher degree of dispersion (t.e., a smaller particle size) by 
dialysis or “ ultrafiltration ” through membranes, e.g., of collodion 
or animal membranes. 

Colloidal solutions are also characterised by the so-called Tyndall 
effect. This depends on the fact that when light passes through a 
solution containing sufficiently large particles it is scattered, so 
that the path of the beam of light becomes visible. There is also a 
very weak scattering with true solutions, and in this case the wave- 
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length of some of the scattered light is altered in a way depending 
on the nature of the scattering molecule (the Raman effect). 

We should expect colloidal solutions to obey the laws of dilute 
solution, but since the effect of the solute on the vapour pressure or 
freezing point of the solvent depends on the number of dissolved 
molecules, and not on their nature or size, it is clear that a given 
weight of substance in the colloidal state will have a much smaller 
effect than the same weight of substance present as molecules of 
normal size. In general, therefore, the vapour pressure, freezing 
point, etc., of a colloidal solution do not differ apjireoiably from the 
corresponding properties of the pure dispersion medium. 

The moat important type of colloidal solution is liquid, as assumed 
above. A liquid colloidal solution is often termed a “ sol.” Some- 
times a sol will '■ set ” to form a “ gel,” which is an elastic sohd. 
Colloids are also known in which the dispersion medium is a gas. 
We shall not, however, deal further with the extensive terminology 
and classification of colloids. 

(b) The Formation of Colloidal Solutions. In certain eases a 
colloidal solution is formed directly by bringing a coherent phase 
(a macro-phase) into contact with a solvent. This happens with 
many proteins, glue, dextrin, starch, etc., in water, and with rubber 
in benzene, etc. In such cases we must assume that the large 
molecules characterising the colloidal system arc already present 
in the macro-phase, so that the process of solution is analogous to 
the corresponding process for substances of low molecular weight. 
In other words, in these cases the macro-phase is soluble, and its 
molecules are so large that the solution formed is colloidal. 

Colloids of this kind are termed lyophilic colloids, since (just as 
for ordinary solutions) the formation of the solution depends on 
the existence of forces between the medium and the solute which 
are at least comparable to the forces which hold together the 
molecules of the solute in the macro-phase. At absolute zero the 
relation between these forces would be the only factor determining 
the process of solution, but at higher temperatures the effect of the 
thermal agitation of the molecules will also come into play . However , 
the larger the molecules the less important the effect of thermal 
agitation in comparison with that of the intermolecular forces. This 
follows from the law of equipartition of energy [III. 1. b.], according 
to which the translational energy of a molecule (which is a measure 
of the effect of temperature on the tendency of the system to 
become homogeneous) is independent of the molecular size ; on 
the other hand, the potential energy due to the interaction of the 
molecule with its surroundings wall increase with increasing size. 
On the basis of these considerations it is seen that the solubility 
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relations of colloids (and of large molecules in general) will exhibit 
more, extreme behaviour than is found for substances with lower 
molecular weights. 

Colloidal solutions are also known of substances which in their 
normal state have no tendency to go into solution as described 
above. (ktUoids are known in which the disperse phase consists of 
a substance which when present as a macro-phase dissolves only 
slightly or not at all in the dispersion medium. Colloids of this kind 
axe termed lyophobic colloids. In these cases the attraction between 
the molecules and the medium is so small that it is not able to over- 
come the mutual attraction between the molecules in the macro- 
phase, even when assisted by thermal agitation. In such cases the 
macro-phase can only be converted into a colloidal solution if it is 
first broken down to a particle size of the order of magnitude which 
is characteristic of colloidal solutions. Once this is effected a 
suspension of the finely divided material in the dispersion medium 
will be able to form a colloidal solution at least momentarily, but 
on account of the forces of cohesion between the colloid particles 
there will always be a tendency for them to be precipittf,ted in the 
form of the original macro-phase. However, under certain condi- 
tions this type of colloidal solution may be stable for long periods, 
so that in practice the fundamental distinction between lyophilic 
and lyophobic colloids may be to some extent obscured. 

The fine subdivision necessary to form a lyophobic colloid can 
often be effected by purely “ mechanical dispersion,” t.e., by 
grinding up the coarser particles with the dispersion medium. If 
the disperse phase is liquid it may be emulsified by shaking up with 
the dispersion medium. However, the colloidal solutions thus 
obtained often have a low stability. 

Another method which may be used is known as “ electro- 
dispersion,” and consists in striking an electric arc between metal 
electrodes immersed in a solvent. This is an excellent method for 
preparing colloidal solutions of metals such as silver, gold and 
platinum in water. The solutions are strongly coloured and 
remarkably stable. 

Colloidal solutions of this kind can also be obtained by “ con- 
densation,” starting with solutions of normal molecular weight. A 
very wide range of processes exhibit this behaviour, but we may 
mention in particular that when a substance is present in solution 
it can often be obtained in a colloidal state by adding a solvent in 
which it is insoluble. Further, the product of many chemical 
reactions (double decompositions, oxidation or reduction reactions, 
etc.) is often formed as a colloid, or at least appears temporarily in 
the colloidal state. For example, colloidal gold is obtained by 
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reducing gold salts with formaldehyde, colloidal sulphur in the 
reaction between sodium thiosulphates and strong acids, and colloidal 
arsenic trisulphide by passing hydrogen sulphide into neutral 
aqueous solutions of arsenic trioxide. 

It will be seen from the methods used for preparing lyophobic 
colloids that in these cases the particle size or degree of dispersion 
will be a very variable quantity. The same is true to some extent 
of lyophilic colloids, but in this case they can often be obtained 
from natural sources with fairly constant molecular size. If they 
are prepared artificially the size of their particles or molecules will 
usually be subject to very considerable variations. Colloidal solu- 
tions are described as mono-disperse or poly -disperse, according to 
whether the j)articles they contain are of uniform or non-uniform 
size. 

(c) The Thermodynamic Stability ol Colloidal Solutions. The fact 
that solutions of lyophilic colloids are formed spontaneously shows 
that they are stable with respect to the initial materials, t.e., the 
coherent macro-phase of the colloid plus the dispersion medium. 
Re-precipitation of the colloid in the form of the macro-phase can 
therefore only take place if the medium is changed. Such a change 
often brings about simultaneously a change in the chemical nature 
of the colloid. 

For lyophobic colloids the state bf affairs is quite different. Since 
they are not formed spontaneously from the coherent macro-phase 
and the medium, the colloidal state must be unstable with respect 
to these components under the experimental conditions. The fact that 
many lyophobic colloids in practice appear to be stable must depend 
on the presence of factors w'hich have an inhibiting kinetic effect on 
the formation of the macro-phase. We shall return later to this 
important question. 

The thermodynamic instability of a lyophobic colloid may be 
measured by the free energy difference between the colloid and the 
macro-phase, which is identical with the work which must be 
supplied to carry out the process of dispersion. For a given system 
this work will be a function of the degree of dispersion. It may be 
calculated on the assumption that the work involved in the disper- 
sion process can be expressed by equation II. (39), 

A = 47rr^, (28) 

BO that the free energy changes involved in dispersing W particles is 
^ given by 

AF = ArrNr^y. (29) 

Since the mass of W particles is AjSrrr^Nd. where d is the density, we 

B B 2 
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have for I gram of colloid 

rd 


( 30 ) 


If y is expressed in C.G.S. units (as in Table I, Chapter II), and r in 
cm., AF in this expression will be given in ergs. If AF is in calories 
and r in A, the equation becomes 


AF = 


717y 

rd 


(31) 


We see from this expression that the work of dispersion is propor- 
tional to the degree of dispersion. The work required to disperse 
a given quantity of substance is thus greater the smaller the particles 
into which it is divided. In other words, the more finely divided a 
colloid is, the greater will be its tendency to return to the state of 
the macro-phase. This result might apj)ear to be irreconcilable with 
the fact that substances which have a small attraction for the 
solvent and thus form lyophobic colloids when dispersed nevertheless 
have a certain small “ true ” solubility, i.e., they will go 
spontaneously into solution as single molecules, which according to 
the above considerations ought to be the state characterised by the 
greatest instability. 

It should however be realised that the derivation of equations (29) 
to (31) is entirely static in character and does not take into account 
the thermal motion of the particles, which (as emphasised above) 
has a “ dispersing ’’ effect. In order to investigate how far thermal 
effect can be neglected, and for what particle sizes they begin to be 
of importance, it is necessary to compare the kinetic and potential 
energies of the particles. The work given by equation (28) must be 
regarded as the molecular potential energy of the particles with 
respect to the macro-phase, and for a reasonable mean value of y 
it may be estimated as l,000r“. The mean kinetic energy of each 


particle is -i^T, independent of the particle size, and is thus about 


6 X 10~i* at ordinary temperatures. We thus see that for particles 
of colloid dimensions the thermal energy is very small compared 
with the potential energy, so that the above deductions about the 
stability of colloidal solutions are not affected. On the other hand, 
when the particles approach molecular dimensions, the kinetic energy 
becomes comparable with the potential energy. In this range, 
therefore, a decrease in potential energy (corresponding to a decrease 
in particle size) will be accompanied by an increase in the probability 
that the thermal energy of the particle will tear it away from the 
macro-phase and enable it to exist independently. The presence of a 
finite solubility as single molecules is thus explained. 
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The existence and thermodynamic stability relations of colloidal 
solutions also lead to more general considerations about the concept of 
solubility. In an ordinary solubility equilibrium we normally deal with 
a macro-phase (e.g., a sparingly soluble liquid) if, and a solution of 
single molecules of in the solvent K^. In this case stable equilibrium 
corresponds to the simultaneous presence of the solute m its maximum 
and minimum degrees of disjiersion. 

If the macro-phase is now dispersed as large suspended drops, we 
shall find that the solubility remains independent both of the size of 
the drops and of thoir amount. On further di.spersion, however, the 
solubility will increa.se, analogously to the fact previously mentioned 
[II. 2. a.] that very small drops have an ajijii eeiably larger vapour 
pressure than large ones. As the degree of dispersion increases, we 
thus find that the equilibrium amount of finely dispersed solute (i.e., 
the dissolved molecules) incroasc.s at the expense of the coarsely 
dispersed solute [i.c., the suspended drops) w hile the degrees of dispersion 
of these two states approach closer together. 3 1 is clear however from 
consideration.s of symmetry that when the Kyutem changes in this way 
the equilibrium number of the smaller jiarticles piesent cannot remain 
unaffected by the number of the laiger paitieles, since the number of 
the latter actually does affect the number of the smaller particles 
present (i.c., the "solubility’'). It i.- thus necessary to modify the 
concept of the solubility e<(uilibrium (o a iiiaiked degree, since according 
to the above considerations it must be regtirdeil us a distiibution of the 
matter present among different partiide sizes, hot h the size of the particles 
and the quantity of them present in a given volume being of importance. 
The most general form of -solubility equilibrii im represents a distribution 
equilibrium for a given quantity of substance in a dispersion medium, 
in which particle, s of all sizes may m princii>le lie present m the equili- 
brium state of the system. The ordinary solubility equilibrium 
represents a special case in which only particles of maximum and 
minimum sizes are present, r.c., the macro-phase and single uissolved 
molecules. These general considerations are of importance m under- 
standing botli heterogeneous solubility equilibiia and the nature of 


colloidal solutions, . 

It must however be lemembereil in making use of tliese ideas that 
(as shown above) under ordinary eond.tions the kinetic energy is not 
sufficient to ostablisli an oqmlibriuin involving intermediate particle 
sizes, since with lyophobic matei ml the oquilibi lum state consists almost 
entirely of macro-phase and molecular solute. In order to realise the 
more general distribution in practice it is therefore necessary to set ^ 
conditions under winch the larger iiarticlcs are supplied -with ener^ 
from non-thermal sources, this energy increasing with the size of 
particle One way of doing this is by macroscopic motion m the 
svstem i e bv shaking. The effect of shaking is well known and has 
ZS be;n mentoifed as a practical method for dispersion or 


involving single molecules mechanical motion is of no 
imj^rtrcfsffirthe velocitL which can he obtained in pract^e are 
smdll compared with the velocity of molecular translation. In the 
case of large particles the reverse is ti-ue. The kinetic enerpr due to 
the motion^of the system as a whole is proportional to the third power 
of tS liiiear dimeuLns of the particle (supposed sphericap whi^ the 
potential energy which opposes subdivision is proportional to the 
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second power only. Shaking will therefore readily set up mechanical 
dispwion of the large particles until a stationary equilibrium state is 
reaidisd in which the sizes and kinetic energies of the various particles 
present obey a distribution law depending upon the experimental 
conditions. The ordinary solubility equilibrium in a system at rest 
represents a special case of this general equilibrium state. 

The considerations of the last paragraph will not however apply in 
the ease of “ thread-shaped ” molecules, of which many substances of 
high molecular weight are built up, e.g., polystyrene and cellulose. 

It is important to distinguish between the thermodynamic 
instability of lyophobic colloids, dealt with above, and the instability 
wdiich such colloidal solutions exhibit in practice. The precipitation 
which takes place on keeping such solutions is known as coagulation, 
and it often consists merely in the union of the colloid particles to 
larger aggregates, without the formation of the coherent macro-phase 
we have so far dealt with. The coagulated matter thus need not 
X>0SBes8 the properties of the macro-phase : for example, a small 
change in conditions will often cause it to revert spontaneously to 
the colloidal solution, a process which is known as pepiisation. 

(d) The Brownian Movement. The Diffusion of Colloids. The 
particles in a colloidal solution are in a state of continual movement, 
called the Brownian movement, after its discoverer. The vigour of 
this movement increases with decreasing particle size, but is detect- 
able even with particles which are so large that they are visible 
under an ordinary microscope. In the ultramicroscope, in which 
much smaller particles can be observed by a specially arranged 
illumination, the Browmian movement is a very striking phenomenon. 

The Brownian movement may be regarded as the thermal 
molecular motion of the colloid particles. According to the law of 
equipartition of energy [III. 1. b.], the translational energy is the 
same for all particle sizes, and the velocity can therefore be calculated 
[III. 2. a.] according to the equation 

mte* = ^kT, (32) 

where m is the mass of the particle. The relatively large value of 
m reduces w to an observable quantity. On account of the numerous 
collisions with the molecules of the dispersion medium which a 
particle undergoes even in a very small time interval, it is clear 
that the displacements which can be observed and recorded micro- 
scopically are not identical with the actual distance travelled. It is, 
however, easily seen that the mean values of this distance will be 
directly proportional to the recorded displacements. 

The presence of the Brownian movement will result in the 
difffiaion of the colloid from a higher to a lower concentration. This 
diffusion tendency may be regarded as depending on the purely 
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geometnoal fact that when a pajticle moves according to the laws 
ot chance, it is more likely to increase than to decrease its distance 
from a given point. If this idea is developed quantitatively, we 
obtain the following simple formula. 


r* = 2Dl 

dr _ D 
dt r 


(33) 

(34) 


where r* is the mean value of the square of the displacement which 
a particle undergoes in time t, and D is a constant depending on the 
substances involved and on the temperature. It can be shown that 
this constant is identical with the quantity designated by the same 
symbol in the next paragraph. The equation can be verified by 
measuring the change in position of a large number of particles in 
given time intervals. 

The laws governing the motion of single particles are of course 
fundamental for macroscopic diffusion in colloidal solutions. If the 
plane surface of a dilute colloidal solution is brought into contact 
with pure dispersion medium, movement of the colloid will take 
place in a direction at right angles to the surface between the solution 
and the solvent. The sharp boundary will .soon disappear, being 
replaced by a continuous concentration fall. If the solution is 
dilute, the number of particles which in unit time move along the 
x-axis across a plane parallel to the surface is given by the diffusion 
equation VIII. (39), also valid for ordinary dissolved molecules, t.e,, 

dn = DO di, (3.5) 


where 0 is the area of the plane, and the diffusion coefficient D is 
obviously the amount diffusing in unit time through unit area when 
the concentration gradient dcjdx is unity. The amount of substance 
which accumulates per unit time on account of diffusion between 
two parallel planes Pj and distant dx apart can be written as 
Vdc, where V = Odx is the volume included between the planes. 
It is also given by equation (35) as the difference in the amounts 
diffusing through Pj and P^ in unit time. We thus have 


Vdc = DO 



dt, 


or. (36) 

dt" dx^ 

If the concentration gradient is constant everywhere, dcjdt will be 
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zero, i.e., there is a stationary state set up by difEusion. This is 
impossible in natural diffusion processes, and can only be obtained 
if the concentrations in two fixed planes are artificially kept constant 
by supplying and removing substance. In the case of ordinary 
molecular solutions (for which the equations are also valid) this 
may be realised if Pi is the surface of a more soluble modification 
of the substance and Pj the surface of a less soluble modification. 
The diffusion layer then consists of a “ stream of substance ” of 
constant velocity, and it is easily seen from equation (35) that the 
diffusion coefficient is given by the amount of substance dissolved 
from Pi or deposited on Pj per unit time and per unit area, multi- 
plied by the distance between the surfaces and divided by the 
difference in the concentrations at Pj and P^- 

The value of the diffusion coefficient D will of course depend on 
the mobility B of the particle in the medium, i.e., the velocity with 
which it moves in the medium when acted on by unit force. Since 
in a liquid medium the resistance to motion is always large, we can 
write 

u = KB = ^, (37) 


where u is the velocity, K the force and O the resistance. For 
spherical particles which are large compared with intermolecular 
distances in the medium, the resistance is given by Stokes’ law, 
11. (42), as 

i = G = GTn^r, (38) 

B 


where r is the radius of the sphere and rj the viscosity of the medium. 
In order to calculate the force we use the fact that the work 
necessary to move the particle through a distance dx must be equal 
to the difference in chemical potential corresponding to this change 
of position. If the gas laws are valid for the solution, this law is 
expressed by equation HI. (53), 


whence 


K = kT 

dx 

(39) 

u = UB^. 
dx 

(40) 


uc is the amount of substance passing the surface in unit time, so 
that from the definition of the diffusion coefficient 


n ^ 
uc^ D—, 

ax 


( 41 ) 
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and by combining (40) and (41) we obtain 


D = km -= 


kT 

G 




(42) 


This equation may be used to determine either the Boltzmann 
constant h (and hence the Avogadro number), or the viscosity of 
the medium tj, or the radius of the particle r, assuming in each case 
that the remaining two quantities are known. 

By means of considerations already used in electrochemistry 
[IX. 2. n.], it is easily seen that the diffusion coefficient of a binary 
salt can be obtained from (42) by writing 

U + V 

where U and V arc the mobilities of the two ions. 

(e) Sedimentation Equilibria. Determination of Avogadro’s 
Number. In the preceding sections we have treated colloid particles 
as molecules, and by introducing the law of the cquipartition of 
energy we have implicitly a.ssuraed that the laws of dilute solutions 
are valid for colloidal solutions. An importatii proof of the eorrect- 
ness of this assumption is afforded by investigations of the sedimenta- 
tion equilibria of colloids (Perrin). 

If a colloid solution i.s in equilibrium under the force of gravity, 
then if the particles are sufficiently small it will not be possible 
under ordinary experimental conditions to detect any difference in 
concentration at different heights above the surface of the earth. 
If on the other hand the particles are large, such a difference will 
be detectable, and if the particles are heavier than the medium, 
sedimentation will take place, an equilibrium being eventually 
reached in which the lower portion of the solution is more concen- 
trated than the upper portion. 

This equilibrium can be calculated on the basis of Boltzmann s 
distribution law [III. 2. c.], according to which the following equation 
is valid for molecules free to move. 


jfi = kTIn 


N.r 


(43) 


where is the concentration of molecules at a level B and Nj 
the concentration at a level A, there being a difference of potential 
energy oi tji = — iI’b molecule between the two levels. If 

the level A is higher than the level B, ^ can be expressed as the 
work necessary to raise a particle from B to A against the force of 
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gravity. For a spherical particle of radius r the force acting on the 
particle is 


K = inrig(d—d,), 

where g is the acceleration due to gravity, and d and d^ the densities 
of the particle and the dispersion medium respectively. If I is the 
difference in height, we have 


ip = Kl = ^iir*gl (d — do), 
and by combining this with (43) we obtain 

Na 3kr 

If we assume d — d^ = 0-1 and r \nn == 10“’ cm. (which with 
water as dispersion medium corresponds to a molecular weight M 
of about 2,600), we find for 7 = 10 cm. and T = 293, 

= 1-02 X 10-*. 

The difference of concentration is thus only about 0-01%. If the 
radius is 10/*n and M therefore about 2'5 X 10* (taking d = 1), the 
other values remaining unchanged, we find 

(n ^ = 0-102 

Nb 

corresponding to a concentration difference of about 10%. If r = 
lOOfifi, this difference of 10% will exist between levels only 0-1 mm. 
distant. 

These calculations can be verified by counting particles {e.g., 
suspended mastic particles) at different heights by means of the 
ultramicroscope. The most important source of error lies in the 
difficulty of preparing a homogeneous or monodisperse material, 
i.e., a solution in which all the particles have the same size. The 
agreement between the experimental results and the equations 
derived above shows the applicability of the gas laws to colloidal 
solutions. 

Conversely, the equations may be assumed to be valid, and the 
results used to determine 



and hence Avogadro’s number, N^. Determinations carried out by 
this method have given the value 

Ng = 6-06 X 10« 
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in very good agreement with the values found by other methods 

[III. 1. a.]. 

(f) Sedimentatioji Velocity. In dealing with the viscosity of 
liquids [II. 2. b.], it was mentioned that this property could be 
determined by measuring the rate of fall of spherical particles, using 
Stokes’ law. The same law was also used in (d) for calculating the 
diffusion coefiBcients of colloids. The sedimentation velocity can be 
calculated similarly by combining (37) and (38), giving 


6Trrjr 

The “ force of diffusion ” (39) must now, however, be replaced by 
the “ force of sedimentation ” (44). We thus obtain 


2g(d — 
Hr, 


(46) 


Equation (46) is of course only valid when the sedimentation 
process can be regarded as irreversible, i.e., when the system is do 
far removed from equilibrium that the quantity 


IT 


,dlnc 

dx 


can be neglected in comparison with K. (At equilibrium this 
quantity is equal to K, as expressed by III. (53).) The larger and 
heavier the particles, the more nearly w’ill this condition be fulfilled. 

If 7 j and d — do are known, measurements of u can be used to 
determine the particle size by means of equation (46). However, 
for small values of r the sedimentation velocity under the influence 
of gravity will be much too small to be measured in practic’’ 

If the sedimenting force is increased, the method becomes 
applicable in practice for much smaller particles. This princip e is 
employed in the uUra-centrifuge (Svedberg), in which by using 
speeds of rotation up to 160,000 revolutions per minute a seg- 
menting force 10« times as great as gravity can be obtained. In this 
way it has proved possible to measure sedimentation velodties an 
equilibria even with solutes of ordinary molecular weight. Ihe 
extent of sedimentation is determined hy photographic measure- 
ments during rotation. u ... 

(g) The Electric Charge of Colloids. As mentioned above, 
lyophobic colloids are thermodynamically unstable. The fact that 
in practice many such colloidal solutions can be kept unchanged 
, for long periods must therefore be attnbuted to special kmetic 

'’^The apparent stability of lyophobic colloids is generally explained 
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by assuming that the particles carry charges of the same sign, and 
therefore repel each other. The electrostatic forces are “ long 
range ” forces, i.e., they fall off according to an inverse square law, 
while the cohesive forces which bring about aggregation are (like 
chemical forces in general) “ short-range ” forces, i.e., they fall off 
according to a much higher inverse power of the distance. It is 
thus easily seen how the electrostatic forces may prevent two 
particles from coming 8uflS.ciently close for the cohesive forces to 
become effective. As a result of this the colloidal solution may 
remain unchanged for long periods. 

The presence of an electric charge on colloids may be demon- 
strated by observing their behaviour in an electric field. It is found 
in general that the particles move in the field, this phenomenon 
being described as calaphoresis or electrophoresis. The direction in 
which the particles move can be used to decide the sign of the charge. 
Particles of metals, sulphur, arsenic trisulphide, silicic acid, starch 
and mastic usually move towards the anode, and are thus negatively 
charged, while ferric hydroxide and othea’ metallic hydroxides move 
towards the cathode, and are thus positively charged. The addition 
of electrolytes will often change the direction of motion. In parti- 
cular, the addition of acid tends to make the charge more positive, 
and the addition of alkali to make it more negative. The mobility 
of colloid particles depends on the magnitude of the charge and the 
size of the particles, and hence exhibits large variations ; it is, 
however, often of the same order of magnitude as the mobilities of 
ions of ordinary molecular dimensions. Thus the mobilities of 
colloidal particles of silver and gold (expressed as the velocity in 
water under a potential gradient of 1 volt/cm, ) are about 2-4^/sec., 
while the corresponding mobility of the X+-ion is fi-Gp/sec. [IX. 1. e.]. 
This behaviour shows that the colloidal particle carries a very large 
charge, since otherwise the large size of the particle would give it a 
very low velocity. 

The charge on the colloid particles must of course be balanced by 
a charge of the same magnitude but opposite sign in the surrounding 
liquid, since the system as a whole is electrically neutral. This 
charge will normally be present as ordinary molecular ions, which 
may either be distributed in the solution (in which case the “ colloid 
salt ” may be said to be completely dissociated), or may be closely 
associated with the colloid particle. 

The electric charge on the colloid can be attributed to various 
causes in different cases, but will always be due to the gain or loss 
of ions or electrons. If the colloid has acid or basic properties the 
charge may be produced by protol 3 dic reaction with the solvent, a 
certain number of molecules in the surface taking part in the 
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reaction. It is thus easy to explain the positive charge of the 
metallic hydroxide colloids and the negative charge of silicic acid 
colloids, while the negative charge on colloidal arsenic trisulphide 
can be explained by supposing that on the surface a number of 
(SH-groups take the place of /1-atoms and are able to lose a proton. 
In addition to such chemical changes, adsorption phenomena are 
also often of importance in determining the charge on colloids. For 
example, in the case of a colloidal solution of silver bromide, an 
excess of Ag+-iona or Br~-ious will produce respectively a positive 
and a negative charge, being adsorbed on the .surface of the particles. 
It has been found that metallic colloids (f.g., colloidal gold solutions) 
can only be prepared in the presence of small quantities of salts, 
the anion of which is adsorbed on the surface of the metal particles, 
giving them a negative, charge. There is thus an abundance of 
possibilities to account for the charge on colloid particles, though 
opinion is often divided as to the nature of the process in particular 
cases. The number of charges will always be small compared with 
the number of atoms in the particle, so that the chemical composition 
of the colloid is not appreciably altered by the presence of the 
charge. 

In the case of lyophilic colloids it is not necessary to assume the 
presence of an electric charge on the particles in order to account 
for their stability. However, many of these colloids possess acid 
or basic properties, and they will then undergo protolytic reactions 
■which result in a change in their charge and which have a large 
effect upon their ordinary properties. 

(h) Osmotic Pressure. Ju.st as in the case of ordinary solutions, 
the osmotic pressure of a colloidal solution can be defined as the 
excess pressure to which the solution must be subjected jii order 
that it may be in equilibrium (with respect to solvent) with pure 
solvent. In certain cases this definition can be directly applied to 
colloidal systems, e.^., to a solution of rubber in benzene. In most 
cases, however, the colloid will be electrically charged and the 
solution will therefore contain oppositely charged ions which will 
have an osmotic effect depending on their concentration and 
osmotic coefficient. This coefficient may vary greatly from case 
to cose. In addition to this complication due to ionisation, it is 
necessary to investigate further what is meant by the solvent in 
these cases, since it is possible that the semi-permeable membrane 
used for measurements will be permeable not only to the actual 
dispersion medium, but also to other substances the presence of 
which is associated with the colloid. In general, therefore, we are 
dealing with ternary systems, and the investigation of simpler 
systems is not of much importance in this connection. We can 



382 SURFACE AND COLLOID CHEMISTRY 

predict from the laws of dilute solution that the osmotic pressure of 
ccdloidai solutions 'will be small compared 'with the osmotic pressure 
of ordinary solutions of the same concentration by weight, pro'vided 
that the number of oppositely charged ions associated 'with each 
colloid particle is not large. As already sta'ted, the same 'will of 
course be true of the vapour pressure lowering and freezing point 
depression of the solvent. These two last properties 'will, ho-wever, 
be greatly affected by the presence of small quantities of substances 
of low molecular weight, and are therefore not applicable for 
characterising the degree of dispersion or particle size of the colloid. 
On the other hand the osmotic method, in which the colloid is 
di'vided.from a colloid-free solution by means of a semi-permeable 
membrane, is applicable both in principle and in practice, since We 
shall show below that in this case the effect of substances of low 
molecular weight can be definitely eliminated . We shall in fact see 
that under the simplest possible experimental conditions the 
classical laws for osmotic pressure are applicable to a colloidal 
solution in a binary mixed solvent. 

The relation between the osmotic pressure and the concentration of 
non-permeating molecules has been previously derived in connection 
with membrane potentials [IX. 2. m.], it being aasumed that the 
mixtures are ideal. This assumption will now be dropped. In order to 
derive the laws required for determining the size (t.e., the molecular 
weight) of colloid particles wo shall consider as the simplest case a 
ternary system consisting of a binary permeating solvent containing 
the two components A, and K, and a single monodisperse colloidal 
component A,. To begin with, we shall assume that all three substances 
are non-electrolytes. The problem is now to find the relation between 
the osmotic pressure and the molar concentration of K, in such a system, 
the composition of the solvent in the inner liquid being kept constant. 

We shall consider a solvent of composition to which 

dn, gram-molecules of If 3 are added. The “ inner liquid ” (1) therefore 
has the composition 

njlf, + n,K, + dn,K, 

where and n, are constant. Previous considerations [IX. 2. m.] 
show that at equilibrium the outer liquid (2) (containing no X,) will 
contain Xj and X, in a ratio differing from that in the inner liquid, 
and ■will also be under a different pressure. If the pressure on the 
inner liquid is kept constant and erjual to zero, that on the outer liquid 
will be dp. Our problem is how to determine the relation between the 
colloid concentration and the osmotic pressure, t.e., between dn^ and 
dp. It is also of interest to determine dx, the difference between the 
compositions of the solvent in the outer and inner liquids. 

We shall use the following abbre'viations, where ( 1 ) and (2) refer to 
the inner and outer liquids respectively. 
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(47) 


(48) 


and also the relations 



where Fj and V, are the differential molar volumes, which can be 
taken to be the same in ( 1 ) and (2). 

The inner liquid which we are considering can be synthesised in the 
osmotic apparatus by adding dn^, to the pure solvent »,Xi + n^,. 
Since at equilibrium the potential changes for the permeating substances 
are the same on the two sides of the membrane, we can write 


ffnd'h = fffxdx + V'l dp, ) 

> (oU) 

= — ^2j,d.T d- V^dp, j 

whence by eliminating dx, 

dp 

dnz~ + ' ' 

Application of the Gibbs-Duhem equation to the inner liquid gives 

~ *2(2)^2i:» (52) 


giving on combination with (51), 

< 2 ) + ^23^2(2) , KO X 

— = . » (oo; 

(ins r(2)- 

where ,r,a) = is the molar volume of the outer liquid. 

This equation is of general validity for dilute solutions. The effect 
4 deviations from ideal behaviour is best expressed by means of 
Activity coefficients. Introducing equation IV. (64), 

dp = RTdlnx + RTdlnJ 
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into (47), we obtain 


V *"3 /p,m.n, "(1) 


d/.3 jp.n.n. 


"( 1 ) 


(1 — azs), 


where n,,, = n,ni + and 


ai3 — "(1) (— 

\ ®"3 /p n, n~ 


( 64 ) 


(55) 


We now introduce these (3 values in (53), writing 


W(i) F,j 


= »» 


and replacing — dp by the osmotic pressure P this gives 
P = HTni\i (i^isirjfn) "1" ^as^aii )] 


(56) 

(57) 


If «!$ and aj 3 are zero, t e , if the solution is ideal as legards the 
addition of colloid, then (57) simplifies to 


P = RTm 


(58) 


Equation (66) shows that for high dilutions m is identical with the 
volume molarity of the solution with respect to colloid. (68) thus 
becomes the classical expression foi ownotio pressure, which has thus 
been shown to apply to a mixed solvent under the conditions specified. 

According to (56), a,, and are identical with the a-coefficients 
defined by V (60) By V (60) they will therefore satisfy the condition 


Pijs ^a I 

*^83 tlj ] 

and hence at sufficiently high dilutions the condition 


^13 ^atj> 

*23 I 

We thus see that under the conditions specified by V (57). the quantity 
* 13 * 1 ( 2 ) + * 23*20 ^n general This condition is, accoidmg to 

[V. 6J, the applicability of Henry’s law, which we may assume to be 
valid for the mixed solvent The osmotic pressure is therefore given in 
general by the classical expression (58), even if (as is usually the case) 
the addition of colloid alters the activity coefficients of the components 
of the solvent 

In applying this method to the calculation of the osmotic pressure of 
colloid^ solutions and hence to a determination of the particle size of 
the colloid, attention must be paid to the special effect which the 
colloidal character of the solution has on the range of validity of the 
equations In the first place it must be noted that to neglect the 
number of solute molecules in comparison with the total number of 
molecules m the solution is a better approximation for a colloidal 
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solution tli&n for ftn ordinary aohitmn nf 

tion by WB^ht, 80 that from this point of view the mngLTva® of 
equation (58) is somewhat extended. On the other hfnri i ^ 

moteity defined by (66) wili differ from the l^LeZolX^lZl 
solution to a ^ter extent in the case of colloids, so that even when 
the mole fraction of the coUoid is small it will contribute a consILmWe 
pr^ortion ^.the total volume on account of the large size of the 
particles. This means that for moderately concentrated colloidal 
solutions the y»lue of “ defined by (66) must be used in (68) 

® the dete^ination of d* (the change in the composition of 
the solvent m the outer liquid caused by the addition of colloid) we 
'Vf" obtained by eUminating 

r coefficients 

to have much larger values tlian the corresponding coefficients for 
orimary solutions, so that in the osmotic equilibrium the cormmsition 
of m eolverJ. m the order Irquui may differ considerably from its commsitim 
%n the inner liquid. ^ * 

^ account of the electric charge which is generally present in 
colloids, the simple laws of osmotic pressure will not be expected to 
hold if one of the components of the solvent is a salt present at a 
considerable concentration. It is, however, easily shown that if the 
concentration of the colloid ions is small compared with the salt concen- 
tration in the solvent, thou the electric membrane potential which is 
set up wilt be very small and without any appreciable effect upon the 
osmotic pressure. The laws derived above wi 11 therefore also be valid for 
elwtrolytio colloids provided that a strong salt solution is used as the 
dispersion medium. 


A phenomenon related to osmotic phenomena is the swelling 
which takes place when many substances of high molecular weight 
are brought into contact with a liquid medium, e.g., gelatine with 
water or rubber with benzene. The process consists of the penetra- 
tion of the medium into the solid phase (in which it it, soluble), 
which causes a corresponding increase in volume. The swelling can 
be stopped by subjecting the solid phase to a certain pressure, 
known as the “ swelling pressure.” The phenomenon is analogous 
to the penetration of the solvent into an osmotic cell, the tendency 
for the system to become homogeneous being opposed by the 
mechanical stability of the polymerised solid instead of by a 
membrane. This mechanical stability is not however' usually 
unlimited, and the polymerised substance will eventually go into 
solution as a lyophilic colloid. 

(i) Coagulation and Poitiaaiion. It has already been stated that 
the chief reason for the apparent stability of lyophobic colloids lies 
in the presence of an electric charge upon the coUoid particles. By 
adding an electrolyte to solutions of such colloids the state of charge 
of the particles can be altered, and at a suitable electrolyte concen- 
tration the charge may be completely neutralised. When this is 
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the case the colloid is said to be at its iso-electric point (Hardy). 
When the charge on the particles is diminished or removed the 
stability will also diminish, and more or less complete coagulation 
of the colloidal solution will take place. 

The effect of added electrolyte is believed to consist in association 
of the colloid ion with either the cation or the anion of the added 
salt (depending upon the charge on the colloid). This association 
may be regarded as an adsorption of the ions in question upon the 
surface of the colloid ion. This supposition agrees with the fact that 
the coagulating effect increases rapidly with the valency of the 
coagulating ion. Thus with an arsenic trisulphidc sol identical 
coagulating effects are found with the following molar concentrations 
of salts of different types, 


SaU type 

Molar concentrAtloii 

KGl .... 

50 

X io-» 

GaClt .... 

0 65 

X io-» 

AlGl, .... 

0-095 X 10-® 


On the other hand, the coagulating powers of monovalent and 
divalent anions of the same concentration differ very little : this 
shows that the A« 2 iS 3 colloid is negatively charged, since it is the 
charge on the positive ion of the coagulating ion which has a large 
effect. If we assume (in agreement with the mechanism proposed 
above) that it is the amount of charge adsorbed which is the impor- 
tant factor, then we see from the form of the adsorption isotherm 
[1. a.] (assumed the same for ions of different valency), that the salt 
concentration necessary to produce a given coagulating effect will 
depend upon the valency of the ions in the way described above. 
In addition to this, ions of high valency will generally be adsorbed 
more strongly than ions of low valency, thus increasing the effect 
of ionic type still further. 

The coagulating effect of salts can also be interpreted (without 
assuming any actual association process) in terms of an “ ionic 
atmosphere ” [VII. 2. c.] formed round the colloid ion and resulting 
in a decreased mutual electrostatic repulsion. 

It should also be noted that the coagulation of lyophobic colloids 
is a slow process in which a continuous fall in the degree of dispersion 
can be observed by various methods. Thus if a small quantity of 
electrolyte is added to a gold sol the colour will be seen to change 
slowly from red to blue, corresponding to the formation of larger 
particles from smaller ones. With addition of increasing amounts 
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of salt the velocity of coagulation appears to reach a limiting value 
corresponding to the rate at which the discharged particles can 
collect together by virtue of their Brownian movement into aggre- 
gates large enough to separate out of solution as a coherent product. 
It has been found possible to treat this maximum coagulation 
velocity on the basis of ordinary kinetic principles. 

As previously stated, it is often possible to peptise. the coagulated 
substance by a small change in the composition of the dispersion, 
i.e., to reconvert it into the colloidal solution from which it separated. 
In some cases the composition of the medium is sufficient to deter- 


mine whether the colloid is present in a coagulated or a dispersed 
state (other conditions being kept constant), and the coagulation 
and peptisation are then said to be reversible. Such reversibibty is 
only possible when the coagulated and the dispersed material difier 
only slightly from a thermodynamic point of view ; this usually 
means that the process of coagulation is due to adhesion between 
the colloid particles caused by a diminution in their charge, the 
particles retaining their individuality and not forming the “ macro- 
phase ” in the ordinary sense of this term. The change of charge 
which brings about peptisation can be effected by a change in the 
electrolyte concentration ; either by adding ions which are adsorbed 
on the particles, or by removing electrolyte so that desorption of 
ions takes place. Thus coagulated ferric hydroxide can be brought 
into solution again by washing with pure water. A sulphur sol is 
coagulated by the addition of sodium chloride, and is peptised 
again on dilution with water. In the last case the effect of salt 
concentration has been found to vary with the degree of dispersion 
(i.e., the particle size), the large particles being salted out first, and 
by means of partial coagulation and peptisation it hat. proved 
possible to fractionate the colloid according to particle size and thus 
to obtain approximately mono-disperse colloidal solutions. 

In some cases a small concentration of salt will cause a colloidal 
solution to coagulate, while further addition of salt will peptise the 
coagulated product. This phenomenon must be interpreted as due 
to a change in the sign of the charge carried by the colloid the 
particles in the dilute and the concentrated salt solutions bemg 


""^SSa^onTlt always be regarded as a simple electrolyte 
effect depending only on the charge and valency of the ions, oHen 

(like ac^ption processes in general) depen^ upon mark^y 
individual phenomena. For example, the s.l^r hahdes 
by an excess of either of the salt solutions used to precipitate them 
e g., silver bromide is peptised by an excess of either bwimde lom 
or sUver ions. These two ions have a very strong attraction for one 
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another (aa shown by the low solubility of the salt), and this attrac- 
tion will still be effective if the ions at the surface of the particle are 
not present in exactly eqmvalent quantities. Thus if silver ions are 
present in excess, they will be adsorbed by the precipitated particles 
which will acquire a positive charge ; similarly, an excess of bromide 
ions will produce a negative charge. 

Hydrogen and hydroxyl ions are particularly effective as peptising 
agents. Thus a solution of sodium hydroxide will peptise many 
substances which have not been formed by coagulation, but which 
are present as finely divided solid or liquid phases, e.g., finely 
divided carbon or drops of turpentine. This action may be attributed 
to specially strong a^orption of the ions and OH~, but in 
many oases it can also be interpreted as an acid-base effect, in 
agreement with the fact that colloids often have protolytic pro- 
perties. It will be easily understood that acids are usually effective 
towards negatively charged colloids, and alkalies towards positively 
charged ones. 

(j) The Solubility Relations of Lyophilio Colloids. An exact 
characterisation of the coagulation and peptisation behaviour of 
lyophobie colloids involves many diflSculties, arising partly from 
non-uniformity in peirticle size and partly from the sensitivity of 
the equilibrium towards the charge on the particles and other 
factors. In the case of lyophilio colloids, on the other hand, the 
solubility relations are normally simpler. This is largely due to 
the circumstance already dealt with that the solubihty equilibrium 
for lyophilio colloids is thermodynamically stable, and not dependent 
upon special factors like electric charge. Further, in many cases 
the molecular weight (or particle size) of naturally occurring lyophilic 
colloids is often known ; thus hsemoglobin has a molecular weight 
of 16,700, egg albumin 34,000, while most proteins and naturally 
occurring colloidal carbohydrates have considerably higher values. 
In some cases, however, these colloids consist of mixtures of 
components of widely differing molecular weights. The problem 
is a particularly simple one when it is possible to isolate the solid 
colloid phase in a well-defined crystalline state, as is the case with 
egg albumin. 

The solubility of lyophilic colloids is often interpreted as a special 
hydration effect. Such an effect would not however be .a special 
attribute of colloids and only expresses the attraction between 
molecules of different species which is a necessary condition for 
miscibility (c/. IV. 3. i.). In this respect there is no distinction 
between the formation of hydrates with definite stoichiometric 
compoedtion and formation of loose association complexes. 

A special characteristic of most lyophilic colloids {e.g., {noteins) is 
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the dependence of the solubility upon the saU concentration and the 
acidity. Thus the solubility of crystallised egg albumin in ammo- 
nium sulphate solutions containing between 26% and 30% of salt 
at 18“ is given by the equation 

logs = -0-22S + ^ 

where 8 is the ammonium sulphate concentration in % and ^ a 
constant depending on the acidity of the liquid. We see that in 
this case the solubility is reduced to one-half by an increase of 
1-37% in the salt concentration. Although the " salting-out effect ” 
is a phenomenon exhibited by non -electrolytes in general [IV. 3. j.], 
the presence of a large effect like that illustrated above is a special 
colloid phenomenon. 

This behaviour is readily understood in terms of the considerations 
advanced in (c) as to the part played by molecular size in chemical 
equilibria. If any substance is distributed between two media, 
the thermal molecular motion will tend to set up a uniform distribu- 
tion between the two media. This tendency is opposed by the 
difference in potential energy which the substance undergoes in 
passing from one medium to the other. The final equilibrium state 
represents the resultant of these two opj)OBing tendencies. The 
potential energy depends pn the interaction of the particle with the 
surrounding medium, and for particles of similar structure may be 
regarded as being approximately proportional to the surface area 
of the particle. It is therefore clear that the potential energy 
difference, and hence the distribution ratio Cj/Cj, will be very depen- 
dent on the molecular size in the case of large molecules. We must 
therefore anticipate that the effect of a change in medium on 
solubilities and distribution ratios will be much greater when the 
particles have colloidal dimensions than when they are of the normal 
molecular size. 

The effect of acidity on the solubility of lyophilic colloids depends 
upon the protolytic nature of these substances. A protein is 
believed to contain a certain number of carboxyl groups and 
amino groups, so that it can be written schematically 
l(COOH)n 

pi {COO-}r 

In some cases it also contains other groups having acidic or basic 
properties. The molecule represented above is thus amphoteric, 
as it contains n + m acidic groups and p + q basic groups. It wll 
therefore gain protons as the acidity increases, forming a cation, 
and will lose protons as the acidity decreases, forming an anion. 
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It is not a very simple matter to determine the acid constants 
of the various groups, since several of them will usually be under- 
going protolytic reaction in a given range of acidity. 

The “ iso-electric point ” is also of importance in connection with 
lyophilic colloids. This point is beat defined in agreement with 
[VII. 3. e.] as the acidity at which the total charge on the colloid 
due to protolysis is zero. If the solid phase defining the solubility 
equilibrium is the electrically neutral ampholyte it will be found in 
agreement with [VII. 3. i.] that the solubility is a minimum at the 
iso-electric point. 
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